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PREFACE 


Introduction 


ALCHEN is the result of many educators joining together 
to write and teach a chemistry program that would meet 
the needs of todays students. Through six years of class- 
room experimentation with over 50 000 students, the 
program has come to its present form. In answer to the 
request made by teachers and students throughout the 
country, ALCHEM has become the most descriptive and 
applied chemistry material available on the market today. 


This approach of applied and descriptive chemistry is 
integrated into the textual material, labs, demonstrations 
and classroom exercise to an extent never done before. 


Organization 
In its present form there are three core books, ALCHEM 
10, ALCHEM 20 and ALCHEM 30, which can be used for 
two half-courses and one full course, respectively, or with 
two full courses. Each core book is divided into units that 
cover specific topics. Within each unit, labs, demos and 
exercises are integrated in a logical sequence with the 
textual material. The ALCHEM 20 and 30 each have a 
complete review unit that acts as a refresher for the 
student who may not be familiar with previous content. It 
is Our experience that a student can begin the program 
quite easily even if he or she starts with ALCHEM 30. 
Each core book can stand on its own. 


In addition to the three core books, seven elective units 
are available to give added dimension to special topics 
selected by students or teachers. The core units 
emphasize the concepts of chemistry and bring in the 
applied and descriptive chemistry where possible. The 
elective units emphasize the applied and descriptive 
chemistry and bring in the concepts of chemistry where 
possible. There is a balance of organic and inorganic 
electives. The elective units are; Foods and Their 
Analogs, Athabasca Tar Sands, Analytical Chemistry, 
Nuclear Chemistry, Metallurgy and Corrosion, Ethylene 
and its Derivatives, and Alberta Chemical Industries. 


The strongest feature in the whole program is that all the 
material has been reworked and revised many times to 
make it pedagogically sound for both the student and the 
teacher. Many new ways of approaching traditionally 
difficult chemistry concepts have resulted in the student 


Environmental, consumer and industrial chemistry are 
found throughout the program as well as many historical 
references and biographies on famous chemists. All this 
has been achieved without sacrificing a high level of 
chemistry. The chemistry content is not watered down. 
You will see from the unique design of the format, that the 
material has an easy-to-learn-from classroom approach. 
Students like using the program and their achievement 
level is high. Test results prove that ALCHEM students 
have significantly outperformed students on other pro- 
grams and they have shown an equal or higher interest in 
chemistry. 


of the Program 


finding the new approaches easy to understand. For 
example, the Gravimetric Stoichiometry unit is prepared 
for so thoroughly in the earlier units that it becomes a 
summary unit. Seven types of bonding in the Chemical 
Bonding unit are explained simply in terms. of 
simultaneous attractions. All questions in the Energy unit 
are done by the approach of heat lost equals heat gained. 
All redox and acid-base reactions are done by a single 
five step method. 


Another strong feature is the format. In many respects 
the teacher preparation time has been redirected. The 
students have the complete program in front of them in 
their loose leaf binders. Prepared exercises for the 
student to complete are placed next to the topic covered. 
Here the organization of the material minimizes the 
students confusion found in the use of other textbooks. 
The format of the exercises makes it easier for the 
teachers to concentrate on classroom strategies. 
Because quality classroom activities are already devel- 
oped in the core material and the electives, the teacher 
has more time to devote to class and individual questions, 
implementing a wider variety of teaching strategies, 
spending more professional time on test making and 
reading, and preparing elective materials. 


In addition to the above mentioned texts, an ALCHEM 
periodic table is available within each core book. Periodic 
table wall charts will also be available. ALCHEM 30 has 
an ALCHEM data sheet. Test item banks are available for 
ALCHEM 10, 20 and 30. 


Special Features 


The ALCHEM material was developed. by the authors in 
consultation with science curriculum advisors in both 
education and chemistry at the University of Alberta. 
Through the years of pilotting, many of the authors and 
pilot teachers devoted much of their free time and expertise 
to the improvement and enjoyment of their profession by 
producing a better chemistry program. ALCHEM serves as a 
model to what can be accomplished through local curricu- 
lum development projects. It also shows what dedicated 
Classroom teachers can do, for without them, we would not 
have this classroom oriented approach. The over 120 pilot 
teachers that worked with the program, contributed feed- 
back that is not normally found in other textbook projects. 
Their comments and criticisms helped make the material 
work better in the classroom. 


For those concerned about the rising costs of textbooks, 
the ALCHEM prices are very reasonable. In fact, the 
ALCHEM program costs less than the conventional text- 
book program even if you.amortize the costs of the conven- 
tional text over a three to five year period. 


The illustrations are of a comic nature to add some fun and 
enjoyment to the serious chemistry topics. They are de- 
Signed to bring humor into the classroom—to let the 
Student feel that chemistry does not have to be a heavy 
subject. 


The United States National Institution of Education Curri- 


culum Development Task Force has found that a major rea- 
son for the failure of million dollar curriculum projects in 
the past, has been the lack of significant participation by 
classroom teachers. ALCHEM is successful because class- 
room teachers created the program and students find it to 
be an enjoyable and rewarding learning experience. 

The Symons Report has stated that, “A curriculum in this 
country that does not help Canadians in some way to 
understand the physical and social environment in which 
they live and work...cannot be justified in either academic 
or practical terms. It is essential, from the standpoint of 
both sound balanced scholarship and of practicality, that 
studies of the Canadian situation occupy an appropriate 
place in the curriculum...”. ALCHEM is an example of a 
program that fulfills many of the recommendations made in 


the Symons Report. ALCHEM is truly a Canadian science 
program. 


The major recommendation of the International Conference 
on New Directions in Chemistry Curriculum held in 1978 at 
McMaster University stated that a greater proportion of 
applied and descriptive chemistry be integrated into 
chemistry core and elective curriculums and textbooks. In 
order to accomplish this addition some of the most 
theoretical topics have to be cut. ALCHEM serves as a 
unique example of how the applied and descriptive 
chemistry can be integrated into curriculum materials. 
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REVIEW OF CHEMISTRY 10 


ATOMIC STRUCTURE 


Models of the Atom 


In 1804 John Dalton used a table of atomic masses as evidence for the theory that all substances are 
composed of atoms—the smallest particles of matter. Scientists such as Michael Faraday and en ie 
electron), E. Goldstein (the proton), and James Chadwick (the neutron), later provided evi wi O ae 
that the atom is composed of three basic subatomic particles. Dalton’s concept of the atom was to be prog 
sively refined through the J.J. Thomson (‘‘plum pudding’’) Model, the Rutherford (nuclear) Model, the Bohr 
Model and now the Quantum Mechanical Model of the atom. 


Subatomic Particles 


Subatomic Relative Relative 
Particle Mass Charge 
proton 1836.12 Py 
neutron 1838.65 0 
electron 1 1- 


The Nucleus 


In 1912 Ernest Rutherford proposed the Nuclear (nucleus) Model for atoms. Rutherford provided experimental 
evidence for the model by showing that small positive particles are widely scattered as they pass through a thin 
gold foil. The nucleus is a small massive structure located at the centre of the atom. It was later established that 
the nucleus contains protons (positively charged) and neutrons (neutral). The nucleus of an atom has all the 
positive charge and makes up nearly all of the mass of the atom, but occupies only about one quadrillionth 
(107'5) of the volume of the atom. By analogy, if an atom was the size of a football stadium, the nucleus would be 
about the size of an ant at centre field. 


The Region Surrounding the Nucleus 


The negatively charged electrons are attracted by the positively charged nucleus and move about the nucleus 
as separate particles. The region occupied by the moving electrons constitutes almost all the volume of an atom. 
To help visualize how electrons occupy the region around the nucleus, electron motion might be compared to the 
way a spinning propellor appears to occupy a full circle. However, it is to be remembered that an atom is three 
dimensional and that the pattern of electron movement is highly complex. A more complete explanation of 
electron motion in an atom would require applying the complex theories of wave mechanics. 


Im a neutral atom the total negative charge of the electrons is exactly balanced by the total positive charge of 
the protons in the nucleus. In other words, a neutral atom contains an equal number of protons and electrons. 


Isotopes and Atomic Mass 


Atoms of an element have the same number of protons; i.e. 
element can have a different number of neutrons, and conseq 
ment having the same atomic number but a different number 


, the same atomic number. However, atoms of an 
uently different atomic masses. Atoms of an ele- 
of neutrons are called isotopes of that element. 


Since all elements exist as isotopes having different masses, the atomic mass of an element represents the 


average relative mass of all the naturally occurring isotopes of that element. All atomic masses are relative to the 
mass of a carbon isotope with six protons and six neutrons. 


REVIEW OF CHEMISTRY 10 Fe 
ATOMIC STRUCTURE 


Changes in Atoms During Chemical Reactions 


In chemical reactions a rearrangement of only the electrons takes place—the nucleus is not affected. Under- 
standing chemistry depends upon understanding how the electrons of atoms are arranged around their nuclei and 
upon how the electrons of atoms interact with the electrons of other atoms. 


When atoms approach each other closely their electrons become simultaneously attracted by the positive 
nuclei of other atoms. The simultaneous attraction for the same electrons by the nuclei of two or more atoms 
causes electron rearrangements among atoms. The electron rearrangements may be considered to be of two 
distinct types: 


1. the loss and gain of electrons 
2. the sharing of electrons 


Arrangement of Electrons Around the Nucleus - The Bohr Model 


In 1912-13 Neils Bohr’s study of the atomic spectra of hydrogen showed that the electrons in atoms move 
around the nucleus in specific energy states (energy levels). Bohr proposed that electrons of specific energy 
moved in definite orbits around the nucleus and that the electrons could not exist between orbits. Bohr’s theory 
of electron motion may be compared to the motion of planets around the sun, or to the layered structure of an 
onion. It should be realized, however, that electron motion within an atom is much more complex than either of 
the preceding analogies would indicate. The energy part of Bohr’s theory is still accepted (although refined). The 
electron motion part of Bohr’s theory is not currently accepted. 


Arrangement of Electrons Around the Nucleus - The Quantum Mechanical Model (Optional) 


The concept of electrons located in specific energy levels is still retained in the present theory of the atom. The 
main difference between the Bohr and the newer Quantum Mechanics Theory is that electrons are not considered 
to be revolving around the nucleus in orbits, but to occupy orbitals. The orbitals represent probability patterns of 
movement of electrons around the nucleus which are characteristic of the energies of the electrons. Therefore, 
according to the newer ideas, an electron is described in terms of its orbital (probability pattern) rather than in 
terms of its orbit (path). (The Quantum Mechanical Model of the atom is not used in the ALCHEM course.) 


The Periodic Table 


The periodic table is a systematic way of organizing the elements. In the periodic table the elements are ar- 
ranged horizontally in order of increasing atomic numbers to give seven horizontal periods. Each period starts 
with an alkali metal and ends with a noble gas (with the exception of the first period), and corresponds to the 
energy level of the valence electrons in the element represented. 


The arrangements of atoms in horizontal rows in order of increasing atomic numbers forms vertical columns of 
elements having identical or similar valence-electron-structures and thus similar chemical properties. These 
vertical columns are known as groups or families of elements. 


The heavy staircase line starting at boron and staggered down the table separates the elements into metals and 
nonmetals. The elements to the right of the line are nonmetallic whereas those to the left (except H and Be) are 
metallic. With some exceptions, the electronic structure of metals is such that their atoms have 1, 2 or 3 valence 
electrons while the nonmetals have 5, 6 or 7 valence electrons. Thus the arrangements of elements in the 
periodic table is such that nonmetallic character increases within a period with increasing atomic number (i.e., 
from left to right), and metallic character increases within a group with increasing atomic mumber (i.e., from top 


to bottom). 


REVIEW OF CHEMISTRY 10 eS 


ATOMIC STRUCTURE 
Complete the following statements by filling in the blanks. (The questions relate to the material on the previous 
two pages.) 
1. Michael Faraday and J.J. Thomson are noted for their discovery of —___________________—_. 


2. The proton was discovered by 





3. The neutron was discovered by 


The concept of the atom was progressively refined as new evidence was discovered experimentally. The next five 
questions are based on atomic theories. 


4. The theory that all matter was composed of unbelievably small particles called atoms was proposed by the 








Greek philosophers and revived in 1804 by 
5. The theory that an atom was a positively charged sphere in which negatively charged electrons were 
embedded like ‘‘plums in plum pudding’’ was suggested in 1898 by __ ee 
6. The Nuclear Model for atoms where electrons surrounded a small massive nucleus was suggested in 1912 
1D) eer Ce ee ee 
7. The theory that electrons move around the nucleus of an atom in specific energy levels and where the atom 


was pictured as a miniature solar system was proposed in 1913 by 





8. The present model of the atom in which electrons occupy probability regions called orbitals is known as the 


theory. 





9. The smallest particle of matter (first proposed by the Greeks and then Dalton) is known as an 


10. A neutral atom contains an equal number of __ SS ———Cs—‘CsC‘—;~C~CSSCSCT rnd 





11. An isotope of an element has an equal number of ____——SsSC<CSs‘<S—C—C‘—S_ Cand 


but a different number of 


12. Electrons found in the outermost energy level of an atom are known as 
electrons. 


13. Asmall but massive structure in the centre of an atom is called the ee eC ONS SUNG 
of and 

14. The oof. arn element is equal to the number of protons located in its 
nucleus or the number of electrons surrounding the nucleus in a neutral atom. 

15. The protons and neutrons in an atom contribute most to the of that par- 


ticular element. 


16. The elements in the periodic table are arranged horizontally in order of increasing 


17. Each period, except the first, starts with the family and ends with the 





family. 





18. The heavy staircase line divides the 


ee ee FOL athe 





19. Vertical arrangements of elements in the periodic table are called or 





20. The most metallic element is —__—_———__________________ and the most nonmetallic element is 


ee 


21. The period number of an element equals the number of 
electrons. —_——_—_—_——____——__ occupied by 


22:3 The number of valence electrons in the outermost energy level equals the 


a oS 


REVIEW OF CHEMISTRY 10 F4 
ATOMIC STRUCTURE 


Electron Energy Level Representations for Atoms 


As pointed out by the Bohr Model, electrons are located in certain specific energy levels about the nucleus. 
Scientists have discovered where the electrons are most often found in the three-dimensional space about the 
nucleus, but no one knows what type of path (if any) the electron is following. (The electron is not travelling 
around the nucleus like the planets travel around the sun.) Experimental evidence and theoretical calculations 
have, however, provided a strongly supported theory outlining a scheme of electron energy levels. 


The electron energy level theory was not derived from the earlier development of the periodic table (see Bohr 
Model). However, the energy level theory, in order to gain acceptance, had to agree with or lend support to the 
periodic table. In fact scientists very quickly saw the very close relationship between the electron energy level 
representations for an atom and that atom’s position in the periodic table. 


When drawing energy level diagrams the following rules should be followed. 


1. The number of electrons and protons in an atom are equal. The number of electrons in an atom equals the 
atomic number. (The atomic number was originally related only to the elements position in the periodic 


table. Now the atomic number is most often used in relation to the number of electrons and protons in an 
atom.) 


2. The maximum number of electrons in each successive energy level equals the number of elements in each 
successive period (i.e., there are 2, 8 and 8 elements in the first three periods of the periodic table and 
there are a maximum of 2, 8 and 8 electrons possible in each of the first three energy levels in an atom). 


3. The number of energy levels occupied by electrons equals the period number (i.e., if an element is in Period 
3, its atoms will have electrons in three energy levels). 


4. The number of electrons in the outermost energy level (i.e., the number of valence electrons) equals the 
group number (i.e., if an element is in Group IIA, its atoms will have two valence electrons). 


Example: 


—2e— <M number of valence electrons = group number (2) 
number of energy levels 

—Se— < maximum of 8e in second energy level 
= period number (3) 

—fe— <{ maximum of 2e in first energy level 


ar , 
(2) < number of protons = atomic number 


magnesium atom, Mg 


REVIEW OF CHEMISTRY 10 FS 
ATOMIC STRUCTURE 


Give the energy level representation for each of the following atoms. Note the example. 


Example: magnesium atom, Mg 


2e° ~<«— outermost (valence) electrons 
ry 
~<t—-# protons in nucleus of atom 
1. hydrogen atom, H 2. helium atom, He 
3. carbon atom, C 4. oxygen atom, O 
5. sodium atom, Na 6. aluminum atom, Al 
7. phosphorus atom, P 8. chlorine atom, Cl 
9. argon atom, Ar 10. calcium atom, Ca 


11. What is the relationship between group number and number of outermost (valence) electrons? 


12. What is the relationship between period number and the number of energy levels in which electrons are 


accommodated? 


REVIEW OF CHEMISTRY 10 F6 
SIMPLE IONS 


Simple lons 


In some chemical reactions atoms lose or gain electrons to acquire the more stable electron structure of the 
nearest noble gas. The atoms lose or gain electrons and acquire an electron structure with a maximum possible 
number of electrons (i.e., 2, 8 or 8 electrons) in their outermost energy level. 


The loss or gain of electrons results in a more stable electron energy level structure. The loss or gain of 
electrons also unbalances the number of positive charges (protons) and negative charges (electrons). Atoms are 
neutral (zero net charge) because of an equal number of positive protons and negative electrons. lons are 
charged (nonzero net charge) because of a different number of protons and electrons. The difference in the 


number of protons and electrons results from a loss or gain of electrons. The number of protons will never change 
in a chemical reaction. 


Electron Energy Level Representations for Simple lons 


Simple ions are charged species formed when atoms (neutral) gain or lose electrons and achieve a noble-gas- 
like electron energy level structure. Metals lose electrons and achieve a noble-gas-like structure. Nonmetals gain 
electrons and achieve a noble-gas-like structure. Metals lose electrons and form positively charged ions. 
Nonmetals gain electrons and form negatively charged ions. Losing one electron will result in an ion with a 
positive one (1+ ) charge. Gaining two electrons will result in a negative two (2-) charge. 


The energy level diagrams for simple ions in the first three periods are identical to the energy level diagrams for 
the noble gases. Atoms with 1, 2 and 3 valence electrons will lose their valence electrons to form ions with 
charges of 1+ ,2+ and3+ , respectively. Atoms with 5, 6 and 7 valence electrons will gain 3, 2 and 1 electrons 
to form ions with charges of 3-, 2- and 1-, respectively. Atoms with 4 valence electrons in their second and third 
energy levels (i.e., carbon and silicon) do not form simple ions. Carbon and silicon atoms generally share their 
four valence electrons with other atoms. 


Examples: 
te —te— —te— 
—te— same as same as 
—2e— neon, Ne argon, Ar 


+ 0 


Mg atom Mg? ion Cl atom CI" ion 


REVIEW OF CHEMISTRY 10 F7 
ATOMIC STRUCTURE 


Give the energy level representation for each of the following ions. Note the example. 


+ 
Example: magnesium ion, Mg? 


10. 


e se energy level structure characteristic 
of nearest noble gas 


6 (os) <— # protons in nucleus 


lithium ion, Li* nitride ion, N97 
fluoride ion, F7 4. sodium ion, Na* 
aluminum ion, Al?” 6. sulfide ion, S?” 
chloride ion, CI" 8. calcium ion, Caz” 


What relationship exists between the electron structure of a group A ion and the electron structure of the 
nearest noble gas? 


What problem arises when trying to predict the charge on ions in Group IVA? 


WO), 


114 


125 


REVIEW OF CHEMISTRY 10 
ATOMIC STRUCTURE 


Remedial 


Complete the following table. 
Name 
sodium ion 
oxygen atom 


fluoride ion 


helium atom 





calcium ion 


gold atom 
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Symbol # Protons 
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oO 
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REVIEW OF CHEMISTRY 10 FQ 
WRITING OF FORMULAS AND NOMENCLATURE 


ionic Compounds Involving Simple lons (Binary lonic Compounds) 


When writing the formula or giving the name of any ionic compound, the cation (positive ion) is written and 
named first. The formula and name of the cation is followed by the formula and name of the anion (negative ion). 
The simple anion name always ends in ide. For cations with more than one charge, the Stock system using 
Roman numerals is preferred over the classical system using the /c or ous suffix. 


Writing Formulas Naming 
plumbous sulfide is PbS ZnO is zinc oxide 
iron(Ill) oxide is Fe, O, Cu, O is copper(|) oxide (preferred) 
magnesium bromide is MgBr, or cuprous oxide 


lonic Compounds Involving Complex lons (Ternary lonic Compounds) 


The only complex cation in common usage is the ammonium ion, NH,. The names and formulas of complex 
anions are given on the ALCHEM periodic table. The names and formulas of the following acids and their asso- 
ciated complex anions are in common usage and should be memorized. 


Name of 
Acid Name of Acid Complex Anion Complex Anion 
H, SO, (aq) 










H3 PO, (aq) phosphoric acid phosphate (.), 


H, COs (aq) 


The ALCHEM course uses only those complex ions which are on the ALCHEM periodic table. No derivation of 
names for other complex ions is required to answer any question in this course. 





aq) 





Examples: 
Naming. Writing Formulas 
NaCl is sodium chloride NH, Cl is ammonium chloride 
NaClO, is sodium perchlorate K, CO, is potassium carbonate 
NaClO, is sodium chlorate Ca(BrO, ), is calcium bromate 
NaClO, is sodium chlorite (NH, )3PO, is ammonium phosphate 
NaClO is sodium hypochlorite Al(OH), is aluminum hydroxide 
Hydrates: 


A number of ionic compounds are combined with water in definite proportions. Such compounds are known as 
hydrates and the number of water molecules must be included when naming the compound or writing its formula. 
The table of prefixes found in the molecular compounds section can be used to indicate the number of water 
molecules in a hydrate. (See Page F114 .) 


Examples: 


CuSO, °5H,O is copper(I!) sulfate pentahydrate 
BaCl, *2H,O is barium chloride dihydrate 
CoCl, °6H,O is cobalt(II) chloride hexahydrate 


REVIEW OF CHEMISTRY 10 F1 
NAMING AND WRITING FORMULAS FOR IONIC COMPOUNDS 


cS 


Complete the following table. (All ionic compounds as pure substances are solids at room temperature. Indicate 
the state using an (s) subscript.) 


Chemical Formula Name of Compound Description and/or Use 
(s) 


N 
S 


T protective oxide on zinc metal 


present in Epsom salts 


sodium hydroxide forms corrosive alkaline solution 


: AICI, 6H, O(s) present in antiperspirant 


copper(|) oxide agricultural fungicide 


Za 
m 
wo 
0 
O 
b 
e 


Ca( 


O 
at 


) 


(s) formed by action of water on CaO 
) Na, CO, °10H, O/s) 


~“N 


water softener, washing soda 


magnesium sulfate heptahydrate active ingredient of Epsom salts 


Fe, O3(g) reddish-brown powder 
Pee —— 4 =] potassium chloride component of fertilizers 
zinc sulfide zinc blende (zinc ore) 


cleaning agent 
sodium hydrogen carbonate baking soda 
nickel(I!) bromide forms a green solution 


electrode in car batteries 


ammonium carbonate present in some cleaning powders 





aqueous solution strongly acidic 


=< =k pz =r ear a =r = aa 
i<o} fee) ~N (o>) o1 £ wo Nh —- (jo) Oo £ w ine) 


cupric chloride agricultural fungicide 


ammonium sulfate fertilizer 


making photographic films 


> 
a 

z 

O 
i) 
2 


ine) ine) NO 
2 
SS 


lab preparation of oxygen 


fungicide 


preserving meats, gunpowder 


‘ | la oe | sodium hypochlorite laundry bleach 


ine) 
w 
x 
Fa * 
OW; 
wo 
@ 
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WRITING OF FORMULAS AND NOMENCLATURE 


Polyatomic Molecular Elements 


It is not necessary to indicate the number of atoms that are bonded together in a molecule when naming 
elements; e.g., hydrogen is the name of H,. The polyatomic molecular elements that should be memorized 


include, 7 N5; O02, Fs, Cha Bia, ba S, (crystalline) and P, (white phosphorus). 


Molecular Compounds 


When writing the formula or giving the name of molecular compounds, the more metallic of the nonmetallic 
elements is written and named first. The name of the second element always ends in ide. When naming molecu- 
lar compounds the appropriate Greek or Roman (nona) prefix is used to indicate the numbers of each kind of 
atoms that are covalently bonded. These prefixes should be memorized. (Prefixes should not be used for naming 
hydrogen compounds, i.e., HS is hydrogen sulfide not dihydrogen sulfide. ) 


Prefixes for Naming Molecular Compounds 


mono = 4 dite iG =e penta = 5 


hexa = 6 hepta = 7 OCias—s5 deca = 10 





Some molecular compounds in ordinary usage have common or systematic names that are consistently used. 
The table following gives the names of some of these molecular compounds. These should be memorized. 


Soe cee ee 


H 0/1) (HOH( ; Nese | ©, 2H22944(s sucrose 


Pesta [emny [woe 
a 
Saf 


Binary and oxo (ternary) acids are named by changing the name of the hydrogen compound to the name of the 
acid using the rules given on the ALCHEM periodic table. (Only those acids which can be derived from simple and 
complex ions listed on the ALCHEM periodic table are used in this course.) 









os 













Acids 














Formula Name of Hydrogen Compound Name of Acid 
Rule 1 HCl(aq) hydrogen chloride hydrochloric acid 
Rule 2 HClO, (aq) hydrogen perchlorate perchloricacid 
Rule 2 HCIO3 (aq) hydrogen chlorate chloricacid 
Rule 3 HCIO2 (aq) hydrogen chlorite chlorousacid 
Rule 3 HClO(aq) hydrogen hypochlorite hypochlorous acid 
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NAMING AND WRITING FORMULAS FOR MOLECULAR SUBSTANCES AND ACIDS 


Complete the following table. (Molecular substances are either solid, liquid or gaseous at room temperature. The 
State is learned through experience. lonic compounds are all solids in the pure state. Acids are assumed to be 
aqueous.) Provide a state of matter subscript with all chemical formulas. 


Chemical Formula Name of Compound Description and/or Use 













z 
O 


ke 
nm 
mee 
- 


[> {eo haa forms H,SO, (aq) in water 
es 
Te a ae 
TF restconon ses 


” 

O 
ra) 
e 


ae 
ae 
O 


3 (aq) 


H 0,4 (s) 


— =a = a an = an . 
(o>) oO oo wo Po = io) SS] oO BS wo N — 


perchloric acid the strongest acid 





—_ 


hae 


2CO3 (aq) 


Nh Nh Nh = = 
0 oe ° @) 
ie) 
ie) 
Ls) 


sulfur dioxide industrial pollutant 


present in sand and rocks 


diarsenic trioxide 
ote: 


SiC and silicon dioxide in Questions 21 and 24 are not molecular compounds, they are covalent network com- 
pounds. The distinction shall be explained in Unit G, Chemical Bonding. 






ine) 
id) 






ie) 
Bs 
“x 


fatally toxic solid compound 


ie) 
on 





z= 





< 


Remedial 
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CHEMICAL NOMENCLATURE 


F13 


Complete the following table. Classify the substance as ionic, molecular or acid (i, m or a) in the first column. 
Use a subscript to indicate the state of matter of each substance (s, |, g or aq). 


TG: 
Be 
18. 
icy 
20. 
21% 
Zan 
23. 
24. 


eon 











i,m 
ora 





FA, 
O 


a 
nm 

ep) 

Oo 


Chemical 
Formula 


KOH)3( ) 





4) ) 


wo 
— 


H, NO, , ify 
(9) 
23:(9) 


H,SO, (aq) 


_L/S Gea 





i) 


(NH, ),SO4(_ ) 


2(_) 


=) 


Za 


aclO, ) 


ce) 
K, CO, 02H, O; ) 


A 
Zz 
i 


el 
nm 
HS 


NaHSO, ( ) 





sodium sulfate decahydrate 


calcium chloride 
phosphorus trihydride 


carbonic acid 
silicon dioxide 
potassium permanganate 












hydrofluoric acid 


sodium hydroxide 








Name of Compound 
sodium nitrate hexahydrate | 






30. 
Sie 
32. 
33. 
34. 
35. 
36. 
37. 
38. 
SOF 
40. 
41. 
42. 
43. 
44. 
45. 
46. 
47. 
48. 
49. 
50. 





IE 







ies) 
=e 





6 


sy 
— 


) 


dp) 


Or Le 


Na,SiO,( ) 


Ca(HCO,)( 


(/) 


) 
H2 S(aq) 


op) 
nm 


Chemical 
Formula 





Name of Compound 






magnesium sulfate 





sodium thiosulfate 


copper(Il) sulfate 
pentahydrate 











phosphorus 


sodium chlorate 


lead(Il) sulfate 


nitrogen trichloride 


sodium bisulfite 
aluminum phosphate 


hydrogen nitrate 
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CHEMICAL REACTIONS AND CHEMICAL EQUATIONS 


Evidence for Chemical Reactions 


Some of the easy-to-observe clues for recognizing a chemical reaction are: 


formation of a precipitate 
formation of a gas 

color change 

energy change 


sos i) = 


Laws of Conservation 
In all chemical reactions, the following are conserved: 


1. the number of each kind of atom 
2. the mass 
3. energy 


Information Conveyed by a Balanced Chemical Equation 
A balanced chemical equation gives the following information: 


the chemical composition of reactants and products 
the phase of the substances involved 

the mole relationship of the substances involved 
the reaction type 


& GG) hoo = 


Classification of Chemical Equations According to Reaction Type 


The products of a chemical reaction can be predicted if the reactants are known according to the following types 
of chemical reactions. 


1. Simple composition: element + element —————————3 compound 

Simple decomposition: compound ————————— element + element 

Single replacement: element + compound —————————% element + compound 

Double replacement: compound + compound —————————3® compound + compound 
Hydrocarbon combustion: hydrocarbon + oxygen ————————j® carbon dioxide + water vapor 


Other: reaction cannot be specified as being any of the preceding five types. (The word equation or the 
chemical equation will be given; products cannot be predicted.) 


Classification of Reactions According to Energy Changes 


Endothermic reactions: chemical reactions in which energy is absorbed; e.g., electrical energy is absorbed when 
water is decomposed by electrolysis. 


2H,O(;) + energy ——————™ 2H, (g) + O2(g) 


Exothermic reactions: chemical reactions in which energy is released: e.g., heat energy is released when 
hydrogen gas is burned. 


2H) (g) + 02(g) ———____> 2H, O(g) + energy 
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BALANCING EQUATIONS AND IDENTIFYING REACTION TYPE 


Balance the following equations by writing in the simplest whole number coefficients in the space provided. 
Identify the reaction type in the space to the right of the equation. 


Reaction Type 


Igy 92 (g) ——> —A!2 0s (s) a SS a 





——HCl(aq) 4 Ca(OH), (aqg)———_> OR) + ——CaCl, (aq) 





4(g) 4 0, (g) ——B> ——CO2(g) * ——12%Q) 
as Ney t ——Pb(CH, COO), (aq) > ——PPs) + ——Zn(CH, COO), (aq) 
——S03(g) + ——H,0()y——— 3 —H 80, (aq) -— 


O 








= H90 (6) HG) 2(g) ai ie ae 
CaCO, (;) ——> —_—Ca0(s) - ——CO>(g) 
——Nal(aq) ne ——Pb(NO3 )> (aq) ——> ——Pbl,(s) + ——NaNO3 (aq) 


Cac) eee NG) (aq) ie eect e(aa)iOe raed ails @a) 











= ALISO); (aq) * ———Ca(OH)s (aq) ——ANO Kafe) 8 = 250, (.) 


—__Al, (SO, ), (aq) * —Ca(HCO, ), (aq) Al(OH), (s) + CaSO, (s) + =O; (g) 


Predict the formulas and subscripts for the products of the following reactions. Balance the resulting equations. 











Cg H, 9(/) i 02 (g) > 
1, °) 
—_Na(s) a Cl, (g)_—_——_> 


——Ca(g) Ba —_ HOH); 
—,504(aq) * ——A\(OH), (g) ———»> 


Cl(aq) + KBt(ag) ——>> 





==Na, CG Ca(OH) (day ee 





3(aq) * 
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WRITING AND BALANCING EQUATIONS AND IDENTIFYING REACTION TYPE 


From the names of the reactants given: 


1. indicate the reaction type 
2. predict the products and write a balanced equation 
3. complete the word equation 


Provide State of matter subscripts for all reactants and products. Assume pure substances for simple composi- 
tion, simple decomposition and hydrocarbon combustion reactions. Assume aqeuous solutions for compounds in 
single and double replacement reactions. 


1. Reaction type: 
Balanced equation: 


Word equation: ammonia——_m>_ iF 


2. Reaction type: 
Balanced equation: 
Word equation: zinc + hydrochloric acid —B _C—i—‘“CSOCSF 


3. Reaction type: 
Balanced equation: 


Word equation: aluminum + oxygen——y» —_ 


4. Reaction type: 
Balanced equation: 
Word equation: acetic acid + barium hydroxide— > 


5. Reaction type: 
Balanced equation: 


Word equation: iron(IIl) nitrate + sodium hydroxide —> __ 


6. Reaction type: 
Balanced equation: 


Word equation: mercuric oxide—p» 


7. Reaction type: 
Balanced equation: 


Word equation: butane C4 H, 0 (g) + oxygen——>. 


8. Reaction type: 
Balanced equation: 
Word equation: strontium hydroxide + sodium sulfate——Jm 


9. Reaction type: 





_ Balanced equation: 
Word equation: hydrogen + oxygen——3> 


10. Reaction type: 





Balanced equation: 
Word equation: copper + silver nitrate —»> 
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SAFETY AND EFFICIENCY IN THE LABORATORY — LAB F1 


Purpose: 


To promote safety and efficiency in the laboratory. 


Procedure and Questions: 


alee 


on 


105 
ila 


12. 


13. 


Where is the safety station located? 

a. Where is the fire extinguisher located? _. SSE 
b. What is the type of the fire extinguisher? 

c. On what type of fire is the extinguisher effective? 

d. How is the fire extinguisher operated? 

e. How may a towel be used to extinguish a fire? 

f. Where is the fire exit route from the laboratory? 

a. Where is the fire blanket located? 

b. When and how is the fire blanket used? 

What is the school policy regarding laboratory coats or aprons? 

What is the school policy regarding eye protection? 2A ne 
a. Where is the eyewash bottle located? 


b. How is the eyewash bottle operated? 





a. What should be done first if a corrosive substance is spilled on the skin? 








b. Where is the nearest shower or rubber hose attached to a water tap? 








c. Where is the solution for acid burns and spills located? 


ee ee 
d. Where is the solution for base burns and spills located? 


a 


What should be done immediately for glass cuts? SE ele ee ee eee eee 


Where is the first aid kit located? ee ee eee 


What is the school policy regarding long hair and bunsen burner flames? 





How is the fume hood operated? ee eee 


What is the school policy regarding the taking of books and 


sancti purses to and placement of these in the 
aboratory? 


ee st SE EE Eee 


What is the school policy regarding improper (and therefore unsafe) behavior in the laboratory? 


eee 
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SAFETY AND EFFICIENCY IN THE LABORATORY — LAB F1 

Part B: General Laboratory Efficiency 
14. Where are each of the following items located? 

a. distilled or deionized water 

b. papertowels ___ 

Cc. soap or soap solution 

d. reagents for the current lab 

e. equipment for the current lab 

f. extra glassware and equipment 
15. Where is the broom, dustpan and pail for clean up and disposal of broken glass? 
16. Where will two or three day experiments be stored until the next day? 
17. Is there a list of permanent equipment for each station (if applicable)? 
18. Is there is a list to note the disappearance or breakage of any equipment? 
19. Is there a seating plan for the laboratory? 
POM EIROUeS IADOlAIONY Cle WGGN tae 
Part C: Use of Balances (Chemistry 20 and 30 only) 
21. Is there a balance assigned to each station? __ 
22. Where is the balance cover (if any) to be stored during the lab period? 
23. Are chemicals to be placed directly on the balance pan? ___ 
24. Follow the teacher’s instructions as to the correct use of the balance. 
25. How is the balance to be left at the end of the lab period? ___ 
Part D: Use of Bunsen Burner (Chemistry 20 and 30 only) 


26. Obtain a bunsen burner and follow the teacher's instructions as to the correct method of lighting a bunsen 
burner. (In general, decrease the air supply, turn on the gas, light the gas and then increase the air supply.) 


Part E: Use of Pipet (Chemistry 30 only) 


27. Obtain a pipet, a pipet bulb and a beaker partly full of water and follow the teacher’s instructions as to the 
correct method of pipetting. (Do not force the pipet bulb over top of the pipet!) 


Stop: End of Part 1 of review 


Note: 


It is suggested that the balance of the review materials be left until after the completion of Unit G, Chemical 
Bonding and Unit H, Organic Chemistry. The remaining review materials have more direct application to Unit |, 
Solutions. 


If the course is to be completed in the order— Unit I-Solutions, Unit G-Chemical Bonding, and Unit H-Organic 
Chemistry—then Part 2 of the review materials should be completed at this time. 


Part 2 REVIEW OF CHEMISTRY 10 


FiI9 
SIGNIFICANT DIGITS 


Significant Digits 


There is some degree of uncertainty in every measurement. When scientists record and communicate data it is 
important that the degree of uncertainty be shown. One method of indicating uncertainty is by the number of sig- 
nificant digits recorded. 


Definition 


1. Significant digits are those digits obtained from a properly taken measurement. 
Px 


Significant digits are those which are certain or known to be reliable when a measurement is made plus the 
digit which is uncertain or estimated. 


Counting Significant Digits 
je 


Count all digits from 1 to 9 plus zeres inbetween and following other digits. 
2. 


Do not count zeros in front of a value because they only serve to set the decimal place. 


e.g., 0.020 g represents 20 mg rather than 020 mg and has 2 significant digits only. 


Exact numbers 


Exact numbers are not uncertain and are said to have an infinite number of significant digits. 
Ve 


Numbers that are defined; e.g. 1000 kg = 1 t, exactly 
-. 


Numbers that result from counting objects; e.g., 32 students, 16 beakers, $1.49 (exactly 149 cents). 
Rounding-Off 


1. Numbers are rounded-off by dropping one or more digits to the right of the desired number of significant 
digits. 


When the first digit dropped is 5 or greater, the last significant digit is increased by one (e.g., 12.654 cm? 
= 267 om.) 
8) 


When the first digit dropped is less than 5, all digits retained remain the same (e.g., 2,249. G1= 2°29). 
Rule for the Addition and Subtraction of Measured Values 


Round-off all values to the least number of decimal places and then add or subtract. 
Examples: 4.64? g 


becomes 4.69 
12.727 g 12.7g 
5.622 g 5.6 g 

. 22.9 g 


A different answer would be obtained by incorrectly adding first and then rounding off. 


Rule for the Multiplication and Division of Measured Values 


Multiply or divide and then round-off to the /east number of significant digits. 
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SIGNIFICANT DIGITS AND SI UNITS 


Complete the following tables. 







Calculated Value Rounded-Off 
(@). 6.249 mm 


d. 






#S. 
2 
a 





ae 
2.1 100°C ae eae elma 
5.} 0.0128 km a ae 10. | 296.038 cm? 


Perform the indicated operations. Give the answer to the correct number of significant digits. 


11. Add 12. Add igeerAdd 
9.54 g 8.55 mil 480 km 
6.578 g Wiee mL 24.07 km 
1O202g 20.0, amily 
14. Subtract 15. Subtract 16. Subtract 
136n) hG 16756 mil 51.08 mol 
3.49 g 623ml 9.9 mol 
g = Gdukgs) MM 
we Nery X5.0 ioc 5 ESN OM No aa 7000 g > 
1000 kg _ 6.0g ae 
19. 1.0058t x arta 20. 24.3 g/mol = 
Zi. BS58iIGig? 22). S 2.645 


2.02 mol — 5.38g/mL 
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SIGNIFICANT DIGITS AND SI UNITS 


Some SI Units and Symbols SI Prefixes 

































length metre m 
millimetre mm (1073 m) 
centimetre omit O:2"m) 
kilometre km (10% m) - 
* 














litre L 








millilitre mL (1073 L) 
cubic centimetre | cm®% (1072 m)3 
cubic metre m3 





volume 

mass kilogram 
tonne 
milligram 
gram 


amount mole 


time 
hour, day, year 


Scientific Notation 


Scientific notation is the method of expressing values as a number between 1 and 10 multiplied by a power 
of ten. 







kg (10° g) 

t (1000 kg) 
mg (1073 g) 
g 












S 90 S e310 O99 == Ol oi 









second, minute, *These prefixes are occasion- 
ally used in high school 


chemistry and physics. 












**These three prefixes are 
commonly used. 


n.nn x 10% is the general form of scientific notation 


Examples: 
1.00 x 107'° m (average size of an atom) 
6.02 x 10?3 (Avogadro’s number) 


Scientific notation should be avoided if an appropriate SI prefix can be used. The use of scientific notation is 


required for expressing the proper number of Significant digits and for making the quantity less cumbersome in 
written work or calculations. 


Convert the following SI units. Maintain the same number of significant digits in each case. 
Example: 3.00 cm = 0.0300 m 


i. 4Sorconn = Si ee ee) 6. 0.054kg = ee ee 
27 OOro mds = eee TA? BCP ceed ee el 
3. A.6/ Cme = a eee 15 Cmiie423 ee ee ne ee igh 
428000 Gi= oe eee 9.1423 gis, eee 
Sy, epee Pen ey ee ee 1OR S25 ee 


—_—_—  ___ Cm 


REVIEW OF CHEMISTRY 10 F22 
THE INTERNATIONAL SYSTEM OF UNITS — SI 


Some of the rules or standards for use of the SI system are as follows. 


1, Unit symbols are lower case letters (unless named after a person; e.g., °C and Pa (named after Celsius and 
Pascal). An exception is L for litre, which was made an upper case symbol to distinguish the symbols from the 


number one (1). The full names of units are always in lower case letters with one exception being 
“degrees Celsius’. 


A period should not follow the unit symbol (unless at the end of a sentence). 
There is no difference between the unit symbol for singular or plural. 
Titee= 1 cms exactiy: 


Metre and litre are spelt with an re. (Meter refers to a measuring instrument not a length.) 


Kilometre should be pronounced in the same manner as kilogram, kilolitre and kilowatt. The prefix kilo 
should not be used by itself to refer to a kilogram. 


~S 


The term mass replaces the term weight. 
A specific temperature and a temperature change both have units of degrees Celsius (°C). 


Use the unit symbol in preference to words for units; i.e., 10.0 g/mol not 10.0 grams/mole (ten grams 


per mole is right but not preferred). (Do not use unit symbols without a number; i.e., the # mol, #g or # Lis 
incorrect without a number.) 


10. For values less than one, use a zero in front of the decimal point; i.e., 0.0695 mol not .0695 mol. 


11. Use a space (not a comma) to separate sets of three digits to the left and right of the decimal point. The 
practice is optional where there are only four digits to the left or right of the decimal point. 


12. Use decimal fractions (0.5) rather than the common fractions (1/2). 


Find the SI error(s) in each of the following statements and make the correction(s). 


Michael bought 2 kilos of hamburger. 

The recipe called for 1.0 ML of vanilla and 100 c.c. of milk. 

Jill bought 6.0 liters of gasoline for her 250 c.c. motorcycle. 

Trevor's temperature dropped by .9 c° (from 39.2° celsius to 38.3 degrees Centigrade) in 12 hr. 
The car accelerated from rest to 100 Km. per hour in 10 sec. 

The weight of 1 MI of water is exactly 1 gms. 

The package was marked as containing 500 Gm. of spaghetti. 

The height of the precipitate in the test tube was 2-1/2 c.m. 


The micrometre measures distances to the nearest micrometer. 


Snoeans © m -. oo nm — 


—_ 


Cameron calculated that, if the molar weight of calcium carbonate was 100 g/mole, then the number of mol 
in 0.543 gms was .00543 mols. 
Note: 5 
vw iY] fm - , 

Kilometre is often wrongly pronounced kil-aum-etre (as in thermometer) rather than Kilometre as Jin 
kilo-gram). Illustrate this erroneous pronunciation by saying kil-aup-ascal rather than kilo-pascal, kil-aug-ram 
rather than kilo-gram, and kil-aul-itre rather_than_kilo-leetre. The au pronunciation is reserved for measuring 
instruments. For example a micrometer (mic-raum-eter) measures lengths in micrometres (micro-metres). 


(Note the different spellings also.) 
Quantity (slope) symbols used in ALCHEM. 


n =~ number of moles C =~ molar concentration 
m = mass v =~. volume 
M = molar mass Upper case symbols are molar quantities. 


23 
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THE MOLE CONCEPT 


SI Definition of the Mole 


The mole is the amount of substance in a system which contains as many elementary entities as there are 
atoms in exactly 0.012 kg of carbon-12. 


1. Elementary entities can be atoms, molecules, electrons, ions, formula units or other particles. 
2. Carbon-12 is the most common isotope of carbon that contains 6 protons, 6 neutrons and 6 electrons. 


3. To three significant digits the number of atoms in 0.012 kg of carbon-12 is 6.02 x 1023 (Avogadro’s number). 


Definition of Molar Mass 


Molar mass is the mass of one mole of substance in units of grams per mole (g/mol). 


Calculation of Molar Mass 


The molar mass of atoms can be read directly from the periodic table. The molar mass of polyatomic 
elements and compounds is determined by summing-up the molar masses of the component atoms. 


Example: Determine the molar mass of Cu(ClO, ). 


CU(CIO® i) CU sm X063-5m =m OGiS 
20G| = eX Shr ar 10) 
670 = 96 "x 16.0 96 0 

230.5 g/mol 


Note the use of the multiplication rule and then the addition rule for significant digits. 


Calculation of # Moles from Mass 
Example: Determine the # moles of magnesium oxide in 8.06 g of the compound. 


MgO: 1 Mg = 1 x 243 = 243 re sal 
i SG = 1G M 
Ea tee MgO 
yA 4 M03 g/mol : 
exact _ three significant =O. dO 
number digits 40.3 g/mol 
= 0.200 mol 
Calculation of Mass from # Moles 
Example: Determine the mass of 0.25 mol of copper(I!) sulfate pentahydrate. 
CuSO,°5H,O0 1 Cu = 1x 635 = 63.5 
Vs =oyl Xed2el hem ela b M 
40 =4x160= 64.0 Daas! 
5 HO = 5 x 18.0 = 90.0 CuSO, ¢5H20 
4 i. 749.6 g/mol = 0.25 mol x 249.6 g/mol 
exact 
=e Oe 
number 3S.D. ae 


Note the special case for the determination of the molar mass of a hydrate. 
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MOLE CALCULATIONS 


Complete the following table. Show all work as in the example. 


im = aM 






Name and Formula 












Example: 
















carbon tetrachloride tere ikie OS 12.0 
ee pe Oe = te Fp oly, = 41.2 mole tsa gi ino} 
154 g/mol 


(toxic solvent) = 1.8 x 10* g or 0.18 kg 


0.25 mol 
sodium chloride 
(table salt) 
J 


ant " 
sodium carbonate 
decahydrate 
(washing soda) 
8.20g 
Ca(NO, )> 


KOH 


(caustic soda) 








(NH, ),SO, 


(fertilizer) 








er 
NO 
oO 
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Remedial MOLE CALCULATIONS 


Complete the following table. Show all work. 


Name and Formula Molar Mass # Moles Mass 


WSehe 


sodium dichromate 


0.210 | 
om mo 
Pb(CH,, COO), °3H,O 
3. 1.60 mol 


sulfur dioxide 





[op) 


82.8 g 


25.59 


aluminum oxide 


oe 





Cu(ClO, ), 
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REVIEW OF CHEMISTRY 10 F28 
STOICHIOMETRIC CALCULATIONS 


Calculations based on quantities of substances involved in chemical reactions are known as stoichiometric 
calculations. Consider the following example. 


In the industrial manufacture of ammonia by the Haber Process, nitrogen and hydrogen are combined under 
proper conditions of temperature and pressure to produce ammonia. What mass of hydrogen will combine with 
56.0 kg of nitrogen? 


Step 1: Write the balanced chemical equation. 


Wg) '2(g) ——— 2NH5 (9) 


Step 2: Convert mass of nitrogen (starting substance) to moles of nitrogen. 


56.0 kg 


tee. 2. 
28.0 g/mol Mo 


m 
‘oa Mv 
No 


Step 3: Use the balanced equation to determine the number of moles of H, (desired substance) needed to com- 
bine with the moles of N, (starting substance) calculated in Step 2. 


moles of H. (desired substance) 


et? Ne wicnoles © » (starting substance 


2.00 kmol x = 6.00) kmol 


n 
H, 


Step 4: Convert moles of H, to mass of H,. 


im = iM 
H 


2 6.00kmol x 2.02 g/mol 


12.1 kg 


Stoichiometry Flow Chart 


The four general steps are summarized in the following stoichiometry flow chart. 


Given Required 
mass of ' mass of 
starting substance Step 1:Write.a balanced\chemical equation. desired substance 





Step2:; n = v Step4: om = nM 
moles of moles of 
starting Step 3: mole ratio obtained from desired 









balanced chemical equation 


substance 


substance 





REVIEW OF CHEMISTRY 10 F29 


THE REACTION OF SODIUM BICARBONATE WITH HYDROCHLORIC ACID — LAB F2 


Purpose: 
To apply stoichiometric calculations to a reaction between sodium bicarbonate and hydrochloric acid: 


Materials: 


1 
1 
1 
1 
1 
1 
1 
1 
1 


- centigram balance 

evaporating dish 

watch glass 

burner 

wire guaze 

ring stand 

wash bottle containing distilled water 
vial of NaHCO, (about 2.00 g) 


- dropping bottle of dilute (6 mol/L) hydrochloric acid 


NaHCO, (g) + HCl(aq) 3 NaClaq) + Hy 0/1) + CO; (g) 





Procedure: 


iM. 


Ze 


Determine and record the mass of a clean, dry evaporating dish and watch glass. 

Obtain approximately 2.00 g of NaHCO, on a piece of paper (as per demonstration sample). 
Add 2.00 g of NaHCO, to the evaporating dish (and watch glass) on the balance pan. 
Record the mass of the evaporating dish plus watch glass and NaHCo,. 


Cover the evaporating dish with the watch glass. (Place the convex side of the watch glass down and 
slightly off centre so that the lip of the evaporating dish is uncovered.) 


Add dilute hydrochloric acid drop by drop through the lip of the evaporating dish to the NaHCO, in the dish. 
Continue this procedure until no more reaction occurs when a drop of the acid is added, then add several 
drops more. Do not add too much excess hydrochloric acid. 


Use a wash bottle to carefully rinse the bottom side of the watch glass with a few millilitres of water. Collect 
the washings in the evaporating dish. 


Heat the evaporating dish and contents covered with a watch glass until the residue (NaCl) is completely 
dry. (|f the residue in the dish pops and spatters, reduce the flame size.) 


Allow the dish to cool to room temperature. Determine and record the mass of the evaporating dish plus 
NaCl residue and watch glass cover. 


Clean the station and then do the following calculations. 


REVIEW OF CHEMISTRY 10 F30 
THE REACTION OF SODIUM BICARBONATE WITH HYDROCHLORIC ACID — LAB F2 


Observations: 


Balance number 


Mass evaporating dish, cover and NaHCO, 


Mass of evaporating dish and cover 


ECON Ee ee a. ones ol ts 2.00 g 


Mass of evaporating dish, cover and NaCl residue 


Mass of evaporating dish and cover 


Mass of NaCl residue 


Calculations: 


1. Calculate the moles of NaHCO, used. 2. From the mass of NaCl residue calculate the moles of 
NaCl that were formed. 


3. How should the number of moles of NaHCO, consumed and the number of moles of NaCl produced com- 
pare? Explain. 


4. Determine the mass of NaCl that should form based on the amount of NaHCO, that was used in the 
reaction; i.e., determine the theoretical mass of NaCl that should form. 


NaHCO, (3) a HCl(aq) ——— NaClaq) + H,O( 1) + CO; (g) 


5. Calculate the percent error on the yield of NaCl. 


actual mass - theoretical mass 
% error =. ————— SFX ~*100 
theoretical mass 


REVIEW OF CHEMISTRY 10 F31 
GRAVIMETRIC STOICHIOMETRY 


Show the method of calculation in the space provided when doing the following problems. 
1. Inthe metallurgy of iron, the iron ore, Fe, O,, is converted to iron and carbon monoxide by reacting the ore 


with coke, C. 
How many moles of carbon monoxide would form if 0.500 kmol of Fe,O, was reacted with sufficient coke? 


2. Butane, C,H,,, the principal ingredient of one kind of bottled gas is commonly used as a fuel in campers 
and mobile homes. 


What mass of CO, (9) would be produced if 4.00 mol of butane were to react with sufficient oxygen? 


3. Yellow phosphorus combines directly with iodine to form dark-red phosphorus triiodide. 


If 77.5 g of phosphorus is combined with iodine, how many moles of phosphorus triiodide is formed? 


REVIEW OF CHEMISTRY 10 F32 
GRAVIMETRIC STOICHIOMETRY 


4. Liquified hydrogen and oxygen are common fuels used to produce the thrust for rockets that carry satellites 
into orbit. 


What mass of oxygen will combine with 1.01 kg of hydrogen? 


5. A student made the following observations in an experiment where a strip of copper was placed in an 
aqueous solution of silver nitrate. 


2.979 
1.54 g 


Initial mass of copper strip 
Final mass of copper strip 


Calculate the mass of silver that was formed in this experiment. 


6. Hydrochloric acid can be used for cleaning rust off iron and steel surfaces. The reaction involved can be 
represented by the following equation: 
Fe(OH), (s) + 3HCl(aq) FeCl, (aq) # 3HOH (1) 


What mass of rust will react with 0.600 mol of hydrochloric acid? 


REVIEW OF CHEMISTRY 10 F332 
Remedial GRAVIMETRIC STOICHIOMETRY 


1. Atypical test for Ag* ions or Cl’ ions makes use of the fact that AgCl has low solubility and precipitates 
out of solution. 


A solution containing 0.600 mol of AgNO, is added to a solution containing excess NaCl. If all the AgNO, 
reacts, what mass of AgCl precipitate will form. 


2. Water can be decomposed into its elements by electrolysis. 


How many moles of hydrogen gas and oxygen gas would be formed by decomposing 4.50 g of water? 


3. When aqueous solutions of lead(II) nitrate and sodium iodide are mixed, a precipitate of lead(I!) iodide is 
formed. 


An excess amount of lead(II) nitrate is added to a solution containing 6.00 g of sodium iodide. What mass of 
lead(II) iodide is formed? 


REVIEW OF CHEMISTRY 10 F34 
Remedial GRAVIMETRIC STOICHIOMETRY 


4. The high temperature generated by the burning of acetylene, C, Ho (g): finds application in the oxy- 
acetylene torch used for cutting and welding metals. 


What mass of liquid oxygen will be required for the complete combustion of 1.20 mol of acetylene? 


5. Alkali metals react vigorously with water in a single replacement reaction. 


What mass of potassium metal must react with water to produce 3.03 g of hydrogen gas? 


6. A student obtained the following data from a reaction between a zinc strip and a solution of copper(||) 
sulfate. What mass of copper should have formed; i.e., what should have been the theoretical yield of 
copper? 


EU ANERSS: OU VAING: toa a sou ee 119,58 .6 
FitvalamassvotezinG. «2: 252... 14.84 g 


Page F5: Atomic Structure 
1 2, 3 4 
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11. The group number is equal to the number of valence electrons. 


12. The period number and the number of energy levels are both equal. 
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Page F7: Atomic Structure 
1 2. 
20° Be" 
3 
5 6. 


9. The electron structures are the same. 


10. Carbon and silicon atoms, with 4 valence electrons, share electrons because of the 
losing four electrons. 


difficulty in gaining or 





Page Fi3: Chemical Nomenclature - Remedial 





REVIEW OF CHEMISTRY 10 
UNIT F ANSWER KEY 





Page F3: Atomic Structure 
electrons 
E. Goldstein 
James Chadwick 
John Dalton 
J.J. Thomson 
Ernest Rutherford 
Neils Bohr 
Quantum Mechanical 
9. atom 
10. protons, electrons 
11 protons, electrons, neutrons 


12. valence. 


ANOnBRWND = 








5. 13. nucleus, protons, neutrons 
je 14. atomic number 
8e- 15. atomic mass 
2e 16. atomic number 
SN 17. alkali metal, noble gas 
(10 18. metals, nonmetals 
aa 19. groups, families 
10. % 20. francium, fluorine 
2e" 21. energy levels 
Be" 22. group number 
e 
2e 
200, Page F8: Atomic Structure 
1 0,8, 8,0 11. hydrogen ion, 1, 0, 1+ 
DX te eh loi 12. nitride ion, N37, 3- 
3. carbon atom, 6, & 0 13. iron(IIl), (ferric) ion, 26, 23, 3* 
4. chloride ion, 17, 18, 1- 14. tin(IV), (stannic) ion, 50, 46, 4* 
5. magnesiumion,Mg?” ,10 15. Ca®” , 20,18,2° 
6. sulfideion, 118. s2- 16. aluminum ion, 13, 10, 3 
+ 
7. potassium ion, K~ , 19 17. copper(Il), (cupric) ion, Cue, 27 
8. neon atom, Ne, 10 18. iodide ion, |, 53 
es 9. barium ion, 56, 54, 2° 19. Au, 79, 79,0 
14 
By {Om eRe 200 20. cesium ion, Cs* ,55 
8. a Page F10: lonic Compounds 
on 1. zinc oxide 13, NaHCO, (5) 
Vaan 2 NaBris) 14 NiBrs (gs) 
(20p*; 3. NaOH 15. lead(IV) (plumbic) oxide 
Sy (s) 
4, aluminum chloride hexahydrate 16. (NH,), CO; (gs) 
5. Cu, Vs) 17. sodium bisulfate 
6. calcium hydroxide 18 CuCl, (g) 
7. sodium carbonate decahydrate 19. silvernitrate 
8. MgSO,°7H, Os) 2 KCIO3(s) 
9, iron(Ilt) (ferric) oxide 21. potassium permanganate 
10 KCl(s) 22, (NH, )2SO,(s) 





1. i, aluminum hydroxide, ATOM) 25. MgS0447H O45 imarcenypiross 24 WaCiOig) 
2. i, Na,SO,°10H, Os) 27. |, calcium hydroxide, Ca(OH) (s) 25. tin(II) eed fluoride 
eye ll) NaNO, (g) Oa Nay S203 (s) 

451 = aluminum sulfate, Al;(SO;)5 (3) 29) te eatckinoxidencs2)=) Page F12: Molecular Substances and Acids 
5. i, CaCl, *6H, Os) 30. i, CuSO, *5H, 0/5) 
6. i, ammonium nitrate, NH,NO,(s) 31. m, Sg(s) 1. nitrogen dioxide 
Ty, IPH) 32. m, diboron hexahydride, B, He (g) 2. NH; (aq) 
8. m, dinitrogen trioxide, N, 03g) 33. i, potassium iodide, Kl.) ae dy drogeniculige 
9. m, CHy,q) 34. mM, Pais) 5 ce 
10. a, sulfuric acid 35. m, sulfur trioxide, SO; (g) a ae 
11. a, phosphoric acid 36. i, NaClO,(g) 7. hydrochloric acid 
(2auear H3 80; (aq) 37. i, sodium silicate, Na, SiO, () 8. H.SO 
Vee ol ammonium sulfate, (NH, )2 SO, (g) 38. mM, CH, OH, 1) 9. eis ee 
4 i tin(|!) (stannous) fluoride, SNF (s) 39. a, HCI03 (aq) HOS N> (g) 
lee HCO, (aq) 40. i, PbSO, (5) 11. sulfur trioxide 
16. i,  lead(IV) (plumbic) oxide, PbO, (5) 41. i, calcium bicarbonate, Ca(HCO,).(s) fa NOG) 
17a SIO, (g) LB ig, NCI (1) 13. nitric acid 
18. i sodium hypochlorite, NaClO(s) 43. if, NaHSO, (5) 14. Ss(s) 
19. i, KMn0,(g) 44. m, carbon disulfide, CS, Sop Sucioae 
20 pea potassium nitrate, KNO, (gs) 45. a, hydrosulfuric acid eos (aq) 
Caley ll potassium carbonate dihydrate, (s) 464. — SiC(s) a ek 
gta elder) AT ye ECR iG) 19. ee 
23. m, hydrogen sulfide, H, Sig) 48. m, HNO, (doesn't exist) 20. HClO(aq) 
24. i, NaOH(s) 49. m, sulfur difluoride (doesn't exist) 21. silicon carbide 
250 ly sodium bisulfate, NaHSO, (s) 50. m, dinitrogen tetrahydride, No H4(1) (hydrazine) 22. SO, (g) 

‘Note: | The addition of Subscripts, indicating the state of the substance, is solid for ionic compounds, solid, liquid oo te areca nots GaceG toe 

or gas for molecular compounds learned through experience only and aqueous for acids. If a solution of 24 SI02(5) 
an ionic or molecular compound is involved the subscript used is aqueous. Most reactions are in solution. 25. 


AS, 03 (gs) 
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Page F15: Balancing Equations and Identifying Reaction Type 
12, 2,25; 16CO, (g) ‘ 18 H,Ovg) hydrocarbon combustion 
1 4, 3, 2 simple composition 6. 2,2, 1 simple decomposition } 
Rey ra 2H>(g) + O3(g) simple decomposition 
2. 2,1,2,1 double replacement 7. 1,1, 1 decomposition (or other) 14am ie NaCls) simple éamposition 
1 een 8. 2,1,1, 2 double replacement 4 
= cae. yorocsiben combustion ‘ P 15a, ae Ca(OH), (5) + Ho (g) single replacement 
9. 1,2,1,2single replacement 
4. 1,1,1,1 single replacement maeseP 16. 3, 2, Al,(SO,)3(aq) + 6H»0/)) double replacement 
G) 1,1, 1 composition (or other) 10. 1,3, 2, 3 double replacement : 
Le allt er Br, (aq) + 2KCl(aq) single replacement 
1 1, 3, 2, 3, 6 other 
18. 1,1, 2NaOH(aq) + CaCO,(s) double replacement 
Page F16: Writing and Balancing Equations and Reaction Type 
1. simple decomposition 2NH, (gy ———__> No(g) + 3H 
ammonia ————————— nitrogen + hydrogen 
2. single replacement Zn(s) + 2HCl(aqg) ———> Ho(g) + ZNClz(aq) 
zinc + hydrochloric acid ————~™ hydrogen + zinc chloride Part 2 
3. simple composition Ale 2o2(q) —<$<$<$=—$_ 2Al, Oss) Page F20: Significant Digits 
aluminum + oxygen ———————y aluminum oxide 
4. double replacement 2CH,COOH (aq) + Ba(OH)> (aq) Ba(CH, COO oul aK de 
3 (aq) 2(aq) a(CH, COO), (aq) + 2HOH()) ey ML aoa ken 
acetic acid + barium hydroxide —}™ barium acetate + water 3 
4 14. 133g 
5 | 
double replacement Fe(NO; )3 (aq) + 3NaOH (aq) ——8 Fe(OH), (5) + 3NaNO, (aq) i 3 Ah 46:3 mL 
iron(II!) nitrate + sodium iron(lll) hydroxide + sodium nitrate 
hydroxide > ds +3 16. 41.2 mol 
6. simple decomposition 2Hg0(g) =<——$$__ 2H) 0 6. 62mm ie WOK Org 
mercury(I!) oxide ——————————y» mercury + oxygen il 11.0g 18 0.0214 kg 
+ 
7. hydrocarbon combustion 2¢,, Hi, 0(g) 130, (g) ae EO, 2 10H, O(g 8. 0.057 mol 19. 1005.8t 
butane + oxygen —————————_ carbon dioxide + water 9, 70.0 km/h 20. 0.25 mol 
ie 10. 296 y 
8. double replacement St(OH)> (aq) Na, SO, (aq) ——#SrS0, (5) + 2NaOH(aq) Ocm 21. 178g/mol 
strontium r, sodium p> strontium sodium 11. 26.149 22. 0.491 mL 
hydroxide sulfate sulfate hydroxide 
9. simple composition 2H (g) + OS) a ae Oe) 
hydrogen + oxygen ————————> water 
10. single replacement Cus) + 2AgNO, (aq) ————> 2Ag(s) + Cu(NO3 )2 (aq) 
copper + silver nitrate ——————® silver + copper(I!) nitrate 
End of Part 1 
Page F21: Units 
1. 490m 6. 54g 
2. 0.05889 W, (,0428' b 
3. 4.67 mt 8.) 7426 mie 
4. 3.300 kg 9 0.001 423 kg Page F26 - F27: Mole Calculations - Remedial 
ee 1. eae 1 calcium oxide 56.1 g/mol 1.78 mmol 
2. Na,CO 106.0 g/mol 6.67 
Page F22: (SI Errors) aus . ne 
3, Al, (SO,), 342 g/mol 0.0219 mmol 
1. Michael bought 2 kg\of hamburger 4 12.0 g/mol 15.0 mg 
ae 
2. The recipe called for 1 0 «a of vanilla and 100ml) (or cm?) of milk 5. (NH,),SO, 132.2 g/mol 0.0227 mmol 
—~ (pines 6. chlorine 71.0 g/mol 0.500 mg 
3. Jill bought 6.0 L of gasoline for her 250(mL (or em) motorcycle . SOCEM! > 
Note - 0.250 L may also be used. ' as NaClo, g/mo 0.005 52 mmol 
. o~ _\ 8 144 g/mol 0.0556 mmol 
4. Trevor's temperature dropped by.0,9°C (from 39 20C ho 38.3¢c), 
5. The car accelerated from rest to 100 ww) in 10(s) Page F30: Calculations - Lab F2 
6. The (ras ot (mb) ot water is exactly 1g) 1. 0.0238 mol 
2. They should be the same The balanced equation indicates that 1 mole 
7. The package was marked as containing 500@)of spagetti of NaHCO, consumed produces mole of NaC/ 
8. The height of the precipitate in the test tube was 2@€m* 4. 1.399 
9. The micrometér)measures distances to the nearest micrometfe) 
a ‘, . 
10. Cameron calculated that, if the molar (rasgof calcium carbonate was 100 gfmol) Pages F31 - 32: Gravimetric Stoichiometry 
a as * 
than the number of{moles in 0.543/g\was 0.005 43{mol. 1 1.50 kmol (CO(g) 
- ae SS 
oe 2. 7049 
Page F24: Mole Calculations 3. 2.50.mol 
1. NaCl 58.5 g/mol 15g 4. 8.00 kg 
2. >potassium hydroxide 56.1 g/mol 0.0822 mol 5 4869 
3. ammonium sulfate 132.2 g/mol 52.99 i BHR 
4. Na,CO,°10H,O 286 g/mol 63g 9 
5. calcium nitrate 164.1 g/mol 0.0500 mol Pages F33 - F34: Remedial 
1. 86.4g 
Page F25: Mole Calculations - Remedial 2. 0.250 mol Ho (g) 
0.125 mol O,(g) 
1. Na,Cr,O, 262 g/mol 0.0500 mol 3. 9.229 
2. Pb(CH,COO), #3H,O 379 g/mol 79.69 4s” 96 0Rg 
3, SO, 64.1 g/mol 103g 5. 1179 
4. potassium carbonate 138.2 g/mol 0.599 mol Beso 
5, Al,O3 102.0 g/mol 0.250 mol 
6. copper(|l) (cupric) chlorate 230.5 g/mol 576g 
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Upon completion of Unit G, Chemical Bonding, the student should be able to: 


i. 


G2: 


G3. 


G4. 


GS: 


G6. 


G7. 


G8. 


Go: 


understand why chemical bonding occurs 

understand the interactions that are involved in chemical bonding 

distinguish among covalent bonding, ionic bonding, covalent network bonding, and metallic bonding 
relate number of valence electrons to the kind of bonding and to bonding substances 

draw Lewis electron-dot diagrams and structural formulas for simple molecules 

understand electronegativity and predict the polar nature of bonds 


predict the shapes around central atoms of simple molecular substances, and determine the polar nature 
of molecules 


understand the nature of intermolecular forces 


distinguish between the two main kinds of intermolecular forces - van der Waals forces (including dipole- 
dipole forces and London dispersion forces) and hydrogen bonding 


G10. relate types of intermolecular forces to some properties of molecular substances. 


Note: 


The objectives of this unit are coded in the top left hand corner of each page. Refer back to this list when 


studying for the unit exam. 


CHEMICAL BONDING G1 
ELECTRONS IN ATOMS 


Atomic Models and the Periodic Table 


Previously in the ALCHEM materials theories of atomic structure were presented. A modified Bohr Model of the 
atom was selected as a simple but useful model which explained most of the observations encountered at this 
level of chemistry. The modified Bohr Model is able to explain the periodicity of the elements by suggesting a 
energy level scheme for the electrons. Bohr’s energy level scheme parallels the periods and groups of the Men- 
deleev periodic table. 


The relationships between the Bohr Model and the Mendeleev periodic table are listed below. 
1. The number of energy levels containing electrons equals the period number of the element. 


2. The number of valence electrons in an atom equals the group number of the element. 


3. The maximum number of electrons in each energy level equals the number of elements in each period (i.e., 
21828). 


Occupancy of Atomic Orbitals 


Although the energy of electrons can be determined and is known, the actual manner in which electrons move 
about nuclei is unknown. The probability of finding an electron at various points in space is known but is beyond 
the scope of this unit. (See quantum mechanics in a chemistry reference text.) The three dimensional space in 
which an electron is most often found is called its orbital. An orbital is said to be the region of space occupied by 
the electron, in the same manner that the disc of a spinning fan is the region occupied by the fan blades as the fan 
spins. 

The relationships between atomic structure and orbital occupancy are listed below. 
1. An orbital of any atom may be occupied by one or two electrons, but not more than two. Repulsion between 
the negative electrons becomes too great to allow three electrons in the same orbital. 


2. The formation of an octet of valence electrons, then, must involve the presence of four orbitals. 


3. The first four valence electrons around a nucleus will occupy one orbital each to minimize repulsion. These 
unpaired electrons in singly occupied orbitals are available for sharing and are known as bonding electrons. 


4. When more than four electrons are in the valence level, they must double up in the orbitals. For present 


purposes, it is to be assumed that electrons that are paired in an orbital are not available for bonding. These 
nonbonding electron pairs are known as /one pairs. 


The above rules for the electron occupancy of orbitals are purposely limited to those atoms which have four 
valence orbitals (with the exception of hydrogen and helium). These rules will cover the atoms considered in the 


ALCHEM materials. (For an extension of the rules see quantum mechanics or VSEPR rules in a chemistry 
reference text.) 


_ In order to be useful the rules for electron occupancy of orbitals require a means of simple expression. In 1916 
G.N. Lewis proposed a simple means of electron bookkeeping which has become widely accepted. The Lewis 
means of electron bookkeeping is known as Lewis (electron-dot) diagrams. 


G3,G4,G5 CHEMICAL BONDING G2 
LEWIS DIAGRAMS 


Lewis Diagrams for Atoms 


The octet rule and the concepts of bonding electrons and lone-pair electrons have ready application in Lewis 
(electron-dot) diagrams. These diagrams provide a convenient means for keeping track of the origin and distribu- 
tion of valence electrons involved in the covalent bonding of atoms. Lewis diagrams for chemical bonding were 
developed by G.N. Lewis in 1916 in order to ease the comprehension of covalent bonding. 


Lewis diagrams use: 


1. the atomic symbol of the atom to represent both the nucleus and the filled innermost energy levels of the 
atom which do not participate in the bonding 


2. dots (or crosses), one per electron, arranged around the atomic symbol to represent the valence electrons. 
(Unpaired electrons are usually separated from one another and paired electrons are shown close together. 
Thus *X* indicates two unpaired (bonding) electrons, whereas X* indicates a /one electron pair.) 


The dots (or crosses) in Lewis diagrams have no significance as far as the actual positions of the electrons are 
concerned, however, the dots have significance relative to orbital occupancy by electrons. (In this unit Lewis 
diagrams will be limited to atoms and molecules obeying the octet rule (with the exception of hydrogen). Lewis 
diagrams are useful for situations beyond the octet rule but are not necessary for secondary high school 
chemistry.) 


The rules for placing electrons in the four available orbitals of an atom are listed below. 


1. One electron is placed in each of the four available orbitals before any electron pairing occurs. (This dis- 
tribution results in a more stable state; i.e., less electron repulsion. ) 


2. If there are five to eight valence electrons, a second electron may go into the singly occupied orbitals. 


(Three electrons in an orbital would result in large repulsive forces and an unstable state, and is therefore 
not allowed.) 


Table G1 
Lewis Diagrams for Atoms 






Complete the following table. 


# Valence 
Atom Group Electrons 





# Valence # Lone 
Orbitals Pairs 
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THEORY OF COVALENT BONDING 


lonic and Covalent Bonding 


Atoms not possessing a noble-gas-like electron structure (i.e., a stable octet) will exchange or share electrons 
with atoms with which they collide. The electron exchange or sharing will likely occur if both atoms involved in the 
collision achieve a stable octet of electrons. The exchange of electrons (between metallic and nonmetallic 
atoms) will result in ions and the subsequent formation of an ionic crystal held together by ionic bonding (see 
ionic bonding later in this unit). The sharing of electrons to achieve stable octets will result in the formation of 
molecules held together by covalent bonding. (The majority of this unit will deal with covalent bonding between 
nonmetallic atoms within molecular substances.) 


A Theory of Covalent Bonding 


When two hydrogen atoms collide they will likely form a hydrogen molecule held together by a covalent bond. 
The sharing of a pair of electrons by the two hydrogen atoms is accompanied by the electrostatic interactions of 
the electrons and protons within and between the atoms. Since the attractive forces are sufficiently strong, the 
colliding hydrogen atoms will form a stable hydrogen molecule. 


i Ade | lo trates ASCH eae 
DiWtal ih ytiy p or Bd Se whan, 2 -975.2 


solid line — attraction attractions only 
- — — —broken line — repulsion 


Electrostatic Interactions in a Hydrogen Molecule 
Figure G1 


When explaining why a bond is effective generally only the attractive forces are considered even though it is 
understood that the repulsive forces do exist. 


At the equilibrium bond distance the repulsive forces may be considered to be equal to the attractive forces. 
(At a shorter distance the repulsive forces are greater and at a longer distance the attractive forces are greater.) 
However, because of the widely accepted meaning of the word bond, generally only the attractive forces are 
considered when explaining why bonds form. The diagram to the right in Figure G1 illustrates the attractive forces 
only. The result of such a consideration of attractive forces is the definition of a covalent bond as the 
simultaneous attraction of a pair of shared electrons by two nuclei within a molecule. 


Summary of the Theory of Covalent Bonding 


When summarizing the theory of covalent bonding the following are the most important considerations. (Only 
nonmetallic atoms are being considered.) 


1. Covalent bonding occurs between nonmetallic atoms (within molecular substances). 


2. Atoms seek to fill their valence orbitals (i.e., two electrons in each of the four valence orbitals (with the 
exception of hydrogen) ). 


3. Unpaired electrons in the valence orbitals are available for bonding (sharing). 


4. Upen collision of two atoms containing unpaired electrons a covalent bond may be formed by the sharing of 
the previously unpaired electrons. 


5. Covalentrefers to the sharing of electrons between nonmetallic atoms. The bonding is explained in terms of 
the simultaneous attraction of the pair of shared electrons by two nuclei. 


6. °The number of atoms of the same or different elements that bond covalently to form molecules are in a 
definite and fixed ratio; i.e., the number of covalent bonds that each atom forms (the bonding capacity) is 
limited. Bonding capacity is determined by the tendency of the atom to share electrons until it has the same 
electron structure as that of the nearest noble gas. This especially stable structure usually consists of eight 
electrons in the valence energy level and is often called the octet structure. 


A simple and effective way of illustrating the bonding capacity of atoms and the achievement of octets within 
“ molecules is to use Lewis diagrams. The Lewis diagrams of atoms can be extended to making predictions of the 
structural and molecular formulas of molecules. 


CHEMICAL BONDING G4 
GILBERT NEWTON LEWIS 


Gilbert Newton Lewis (1875-1946) 


Lewis obtained his doctorate at Harvard University in 1899 and later 
taught at Harvard. Lewis taught at the Massachusetts Institute of Technol- 
ogy from 1907 to 1912. In 1912 Lewis accepted a post on the faculty of the 
University of California. He made special studies in thermodynamics and 
atomic structure. 


His theory of the electron pair fostered understanding of the covalent 
bond and in an important way extended the concept of acids and bases. 


In 1916 Lewis began to advance the idea that a chemical bond could be 
formed by the sharing of valence electrons as well as by the transfer of 
electrons. He published his views in a book entitled Valence and Structure 
of Atoms and Molecules (1923). 





Lewis also published a book on thermodynamics called Therodynamics and Free Energy of Chemical Substances. 
This was a textbook that brought the complexities of the subject within the grasp of student chemists and was a classic 
in the field of thermodynamics. 


In the early 1930’s Lewis engaged in the search for hydrogen’s heavy isotope. The existence of this isotope had long 
been suspected but had never been isolated. Harold Clayton Urey, an American chemist, was the first to prove the 
existence of deuterium in 1932. Lewis was not far behind, however, and in 1933 was the first to prepare a sample of 
water in which all of the hydrogen atoms consisted of this heavy isotope. 


Lewis later research contributed to the understanding of fluorescence, phosphorescence and color in organic 
substances. 





Ronald James Gillespie (1924- ) 


Dr. Ronald James Gillespie is a naturalized Canadian, born in London, 
England in 1924. Gillespie studied chemistry in London, winning his Ph.D. 
and the Ramsay Medal from University College in 1949. Gillespie became 
a lecturer at University College, London in 1950, and began working with 
Dr. R. Nyholm who was a Professor of Chemistry at the College. The area 
of study these two men pursued led them to question current theories 
which attempted to explain and predict molecular shape. 


The VSEPR theory was developed by Dr. (later Sir Ronald) Nyholm and 
Gillespie around 1956-57. VSEPR theory is an attempt to explain and pre- 
dict molecular geometry in amore satisfactory manner than hybrid orbital 
theory. VSEPR theory begins from the experimentally observed premise 
that in an atom’s valence shell unpaired electrons are repelled by electron 
pairs and that electron pairs repel each other. The experimental evidence 
of repulsion is summarized as the Pauli Exclusion Principle. The Pauli Exclusion Principle states that the probability of 
finding a third electron within an orbital already containing a pair is zero. Beginning from the Pauli Exclusion Principle 
(Wolfgang Pauli, 1925) and extending the idea to the most likely arrangement of ligands (groups or atoms) around a 
central atom, the rules for VSEPR molecular geometry became established. The appeal of VSEPR theory lies in its 
simplicity, its reliability, and in its logical development from basic principles. 


Professor Nyholm later became Head of Chemistry at University College. Nyholm was killed in a car accident in 
1971. Professor Gillespie left University College to work at McMaster University in Hamilton, Ontario in 1958 where he 
has remained since. Most of his early work at McMaster was a development and refinement of VSEPR theory to intro- 
duce it to North America. Gillespie became a full professor in 1960 and from 1962 to 1965 was Chairman of Chemistry 
at McMaster University. Professor Gillespie holds some eighteen awards presented from 1949 to the present. Included 
in the awards are the Chemical Institute of Canada Union Carbide Award for Chemical Education (1976), The Chemical 


Institute of Canada (CIC) Medal (1977), the Fellowship of the Royal Society, London (1977 d i 
Nyholm Lectureship (1978)., i : hla einer, 


Gillespie wrote a book Molecular Geometry and has written numerous articles for chemistry and chemical education 
journals. Gillespie s interest in chemical education is exemplified by his involvement in 1978 as chairman of the Chemi- 
cal Education Division of CIC and of the International Conference on New Directions in the Chemistry Curriculum (for 


high school and freshman university chemistry). Gillespie counts skiing, sailing, hiki i j 
dancing and French among his hobbies. ‘ y Sin SALARIES isa SUN eG 
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LEWIS DIAGRAMS FOR MOLECULES 


Lewis Diagrams for Molecules 


Consistent with the octet rule, atoms share an appropriate number of electrons to attain eight valence 
electrons—the stable electron configuration characteristic of the noble gases. (Hydrogen, an important excep- 


tion to the octet rule, tends to attain two valence electrons—the structure characteristic of the noble gas, 
helium.) 


The rules for drawing Lewis diagrams for molecules in this course are listed below. 


— 


Draw the Lewis diagrams for each of the atoms in the molecule. 
Unpaired electrons (called bonding electrons) are available for sharing to form a covalent bond. 


Paired electrons (called lone pairs) do not partake in the bonding. 


PES ey 1) 


The atom with the most bonding electrons (called the central atom) is placed in the center with the other 
atoms bonded to it. 


5. Inthe resulting Lewis diagram all electrons must be paired and each atom except H must be surrounded by 
an octet of electrons. 


These rules are specific to the level of the theory required to cover the molecules studied in this course. In 
science only the level of theory necessary to the situation is used. When, and only when, a study of more complex 
species is required should the theory be made more complex; i.e., molecules with unpaired electrons and more 
valence electrons than an octet. 


Example: if 
CH, Cl 3H- = AC ‘ "Cl; become H2Cx Cle 
H atom C atom Cl atom 


CH, Cl molecule 


The use of dots and crosses to represent valence electrons is not to imply that there are different kinds of 


electrons. All electrons are identical. The use of dots and crosses is an aid to keep track of the origin of the 
electrons. 


Lewis Diagrams and Structural Formulas 


Bonding representation is often simplified by omitting the lone electron pairs and by substituting a dash for 
each bonding pair of electrons. The resulting representation is called a structural formula. (The structural formu- 
la does not generally represent the shape of the molecule, it merely represents the bonding that occurs.) 

Sec Bie | —N | 
ENE becomes | 
a | 
Lewis diagram 


iStructural formula 
Table G2 


Lewis Diagram and Structural Formulas — Single Bonds 
Lewis Diagram Lewis Diagram 


Molecular Molecular of Atoms of Structural 
Substance Formula Involved Molecule Formula 


a S Ke: ¢ 
water is 


OE 





= 


G6 


CHEMICAL BONDING 
LEWIS DIAGRAMS FOR MOLECULES 


Lewis Diagrams and Structural Formulas 


Complete the following table. 














Structural 
Formula 


Lewis Diagram 
of Molecule 


Lewis Diagrams 
of Atoms 


Molecular 
‘Name Formula 















peroxide 


G4,G5 CHEMICAL BONDING G7 
LEWIS DIAGRAMS WITH MULTIPLE BONDS 


Multiple Bonds Represented by Lewis Diagrams and Structural Formulas 


Atoms which have two or more bonding electrons may share two or three of these bonding electrons with the 
same atom. If two electron pairs are shared between two atoms, the bond is commonly called a double bond. 
Three electron pairs shared between two atoms is a triple bond. 


In the resulting Lewis diagrams all electrons must be paired and each atom except H must be surrounded by an 
octet of electrons. 


Table G3 
Lewis Diagrams and Structural Formulas — Multiple Bonds 


Lewis Diagrams Lewis Diagram 
Molecular Molecular of Atoms of Structural 
Substance Formula Involved Molecule Formula 


double bond 


methanal 
(formaldehyde) 


ethyne 
(acetylene) 


Exercise: 





Complete the following table. 


Molecular Molecular Lewis Diagram Lewis Diagram Structural 
Substance Formula of Atoms of Molecule Formula 


dioxide 


oh tetrafluoro 
-ethene 


4. dichloro- 
ethyne 





Note: 


The next twelve pages dealing with the stereochemistry of molecules via VSEPR Theory are 
optional at teacher’s discretion. Skip to Page G20 if the VSEPR Theory is to be omitted. 
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STEREOCHEMISTRY — VSEPR 


Stereochemistry - VSEPR Theory 


All discrete molecules have a definite three-dimensional shape. The study of the shape of chemical species is 
called stereochemistry. The Valence Shell Electron Pair Repulsion Theory (VSEPR Theory) provides a relatively 
simple and reliable basis for understanding and predicting molecular geometry. The theory only requires that the 
number of valence electrons be known. Molecular geometry can be determined from Lewis electron-dot 
diagrams. 


The VSEPR Theory proposes a set of rules for predicting molecular geometry based on the idea that the 
arrangement in space of the covalent bonds formed by an atom depends on the arrangement of electron pairs in 
the outermost or valence shell of the central atom. 


For the present, the most relevant of the rules are: 


1. Valence electron pairs, both shared (bonding) and lone pairs, arrange themselves around the central atom 
in a molecule in such a way as to minimize repulsion. Thus, the bonding and lone pairs of electrons take-up 
positions around the central atom as far away from one another as possible. 


2. For purposes of predicting molecular geometry, treat multiple bonds (double and triple bonds) as single 
bonds. (Only the directional character of the bond need be considered and in this regard multiple bonds 
are the same as single bonds.) 


The systematic application of VSEPR Theory can be shown as a sequence of steps. The sequence of steps are 
illustrated in the following examples. 


The Stereochemistry of the Methane Molecule (Tetrahedral) 


1. Draw the Lewis diagram. 


2. Count the total number of bonding and lone electron pairs surrounding the central atom. (For CH,, the 


number Leas pairs around the carbon atom is 4 and there are 0 lone pairs. The total number of electron 
pairs is 4. 


3. The minimization of repulsion dictates that the four bond pairs be directed to the vertices of a tetrahedron, 
hence the shape of the methane molecule is tetrahedral. The geometry of CH, can be represented as follows. 


H 


| 
Cc 
oa 
H- f Sr (tetrahedral bond angle is 109°) 
H 


es dotted line indicates that the bond is directed into the plane of the paper and the wedge indicates the bond is 
irected out of the plane of the paper. The solid line represents bonds that are in the plane of the paper. 


Generalization ; 


Peete ea and zero lone pairs around a central atom assume a tetrahedral shape around 
' ere is only onec 
molectian y entral atom the shape around the central atom becomes the shape of the 


Other Examples: SiH,, CX, and SiX, (X represents a halogen). 
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STEREOCHEMISTRY — VSEPR 


The Stereochemistry of the Ammonia Molecule (Pyramidal) 


1. Draw the Lewis Diagram. 


H<N<H 


H 


2. Count the number of bonding and lone electron pairs surrounding the central atom, N. (For NH, the number 
of bonding pairs around the nitrogen atom is three and there is one lone pair, for a total of four electron 
pairs.) 


3. The minimization of repulsion would dictate that the electron pairs be directed to the vertices of a tetra- 
hedron as in the case of CH, and indeed this is approximately so. Because the lone electron pair cannot be 
seen, it is customary to classify the molecular shape in terms of the atomic arrangement only. Thus 
ammonia has the shape of a pyramid and it is called pyramidal. 


The geometry of NH, can be represented as follows. 


(bond angle is 107 °) 


Generalization: 

Molecules with three bonding pairs and one lone pair around a central atom assume a pyramidal shape around 
that central atom. 

Other Examples: PH,, NX,, PX, (X represents a halogen). 


The Stereochemistry of the Water Molecule (V-Shaped) 


1. Draw the Lewis diagram. 


2. Count the number of bonding and lone electron pairs surrounding the central atom, O. (For H,O, the num- 
ber of bonding pairs is two and there are two lone pairs.) 


3. Once again the minimization of repulsion would dictate that the electron pairs be directed to the vertices of 
a tetrahedron. However, there are only three atoms in the molecule and the resulting molecular structure is 
V-shaped. 


The shape of H,O can be represented as follows. 


oO =" H 
Vf (bond angle is 105°) 
H 


Generalization: 


Molecules with two bonding pairs and two lone pairs around a central atom assume a V-shape around that central 
atom. 


Other Examples: H,S, OX,, SX, (X represents a halogen.) 
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STEREOCHEMISTRY — VSEPR 


The Stereochemistry of Diatomic Molecules 


The systematic application of VSEPR Theory was discussed in a sequence from CH, to NH, and H,0O. The next 
compound that could be logically considered in a sequence starting with Group IVA atoms as central atoms and 
continuing in succession to Group VA and Group VIA atoms would be Group VIIA atoms, such as HF or any 
hydrogen halide. However, it is unnecessary to apply any analysis for predicting shapes of diatomic molecules, 
since by necessity diatomic molecules can only be /inear. 


The application of VSEPR Theory can be successfully extended to situations involving multiple bonding, par- 
ticularly to double and triple bonding between carbon atoms. 


The Stereochemistry of the Ethene (Ethylene) Molecule (Trigonal Planar) 


1. Draw the Lewis diagram. 


2 Count the number of bonding and lone electron pairs surrounding each C atom. (For purposes of determin- 
ing shape, multiple bonds have the same directional character as single bonds. The two electron pairs of 
the double bond are counted as one bonding pair for purposes of determining the shape around a central 
atom.) 


3. To minimize repulsion, the three electron pairs from each of the carbons are directed to the corners of an 
equilateral triangle and the shape around each carbon is described as being trigonal planar as illustrated 
below. 

H H 
~~ ye 


cC—c 
H we XS H (bond angle is 120°) 
Generalization: 
The shape around atoms with three bonding pairs and zero lone pairs is trigonal planar. 
Other Examples: Any carbon atom with a double bond in a hydrocarbon. 


The Stereochemistry of the Ethyne (Acetylene) Molecule (Linear) 
1. Draw the Lewis Diagram. 


HxC 3 35CxH 
Count the number of bonding and lone electron pairs surrounding each C atom. (Again, for purposes of 


determining shape, the electrons of multiple bonds are counted as a single bonding pair. Thus around each 
carbon atom there are two bonding pairs and zero lone pairs.) 


3. To minimize repulsion the bond orientation is linear around each carbon. 
H— C ==C—H (bond angle is 180°) 


Generalization: ji O 


The shape around atoms with two bonding pairs and zero lone pairs is linear. 
Other Examples: Any carbon atom with a triple bond in a hydrocarbon. 


The preceding general description established the terminology and the basis for predicting the stereochemistry 


of molecules according to VSEPR Theor i 
y. The following table summarizes the fundamental 
theory as used for predicting shapes around central atoms in molecules. ieee de 
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STEREOCHEMISTRY — VSEPR SUMMARY 


Stereochemistry (Shapes Around Central Atoms) 


All discrete molecules have a definite three dimensional shape. The number of electron pairs surrounding a 
central atom can be used to predict the stereochemistry of a molecule. The electron pairs repel each other and 
take up positions as far from one another as possible. When determining the shape of molecules, the electron 
pairs of a multiple bond count as only one pair of electrons for stereochemistry purposes. Examples of common- 
ly encountered molecular shapes are given in Table G4 below. 


Table G4 
Stereochemistry of Some Common Molecules 


Lewis # Lone 
Diagram Pairs Shape 


tetrahedral 
(around C 
atom) 







# Bonding 
Pairs 


















Compound 


*Shape 
Actual Shape Diagram 





pyramidal 
(around N 
atom) 


























V-shaped 
(around O 


atom) 


trigonal 
planar 
(around 
eachC 
atom) 





linear 
(around 
eachC 
atom) 


* The dotted line indicates that the bonds are directed into the plane of the paper and the wedge indicates that 
the bonds are directed out of the plane of the paper. The solid lines represent bonds that are in the plane of the 


paper. 
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STEREOCHEMISTRY — LAB G1 


Purpose: 


1. To use VSEPR Theory to predict shapes around central atoms. 


2. To construct molecular models from a kit to test the predictions. 


Prelab Exercise: 


Before going to the lab, complete the following table except for the columns headed Observations ( Represen- 
tation of Actual Shape and Name to Represent Actual Shape). 


Procedure: 

In the lab, construct models of each molecule using the correct colored ball for each atom and one spring for 
each shared electron pair. Draw a diagram of the model under Representation of Actua! Shape then write in the 
name to represent the actual shape. If the actual shape corresponds with the predicted shape, check it off—if 


not, consult the teacher. 


Molecular Lewis For Each Name to Representation Name to 
Central Atom Represent Represent 


Substance Diagram ; for Actual Actual 
Predicted Shape 


Prelab and Observations: 


Shape 
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Prelab and Observations: 


Prelab Exercise Observations 


















Molecular Lewis For Each Name to Representation Name to 



















Central Atom Represent 
Substance Diagram Predicted for Actual Represent 
Shape 
Shape Actual Shape 





z ep 
: 


10. | CHCIBr, 


' z = 
(noncyclic) 
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ELECTRONEGATIVITY 


Electronegativity 


Experimental evidence indicates that covalently bonded atoms usually exhibit unequal attractions for shared 
electrons. In fact different atoms, as shown by a variety of experimental evidence, have different electron- 
attracting abilities. The relative attraction that an atom has for shared electrons in a covalent bond is known as its 
electronegativity. A scale of electronegativities, in which the most electronegative (fluorine) is arbitrarily 
assigned a value of 4.0, was developed by Linus Pauling (1901- ). Pauling electronegativities are given on ine 
ALCHEM periodic table. 


Examination of the electronegativities of elements given in the periodic table will indicate the following trends. 


1. Electronegativities increase from left to right within a period. 
2. Electronegativities decrease from top to bottom within a group. 
3. Relative electronegativities of the nonmetals are high and those of the metals are low. 


The latter trend is consistent with the trends given in 1 and 2 and correspond to the trend in variation of non- 
metallic character; i.e., as nonmetallic character increases, electronegativity increases and vice-versa. The 
electronegativity scale is a composite of experimental evidence and as such reflects the relative reactivity of 
metals and nonmetals (i.e., the lowest electronegativity belongs to the most reactive metals, Cs and Fr, while the 
highest electronegativity belongs to the most reactive nonmetal, F). 


Comparing Electronegativities of Atoms 


The shared electrons in a covalent bond will be displaced (more strongly attracted) to which atom in each of 
the following chemical bonds? (The first is done as an example. These diagrams represent bonds only—not 
molecules.) 


a 

Example: H — F The arrow indicates the shared electron pair is attracted more strongly by the fluorine atom. 
Zak 4.0 

1 N - H 2. Bee open pacy |G) a P= 

5S, Si = Cl Cae CUR-EBI vx N =a 8. Br aul 

OF Gao LOO sea tH Ait. | Go=aGl 12) (Gao 


13. List the elements of Period 2 and their respective Pauling electronegativities. 
14. List the elements of Group VIIA and their respective Pauling electronegativities. 


15. Explain why cesium and francium are the most reactive metals. 


16. Explain why fluorine is the most reactive nonmetal. 
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NONPOLAR AND POLAR COVALENT BONDS 


Nonpolar Covalent Bonds 


Covalent bonds in which the bonding electron pair is shared equally and is uniformily distributed between the 
nuclei of two bonded atoms are called nonpolar covalent bonds. Such bonds can only result when two nuclei with 


the same number of protons and/or atoms of equal electronegativity simultaneously attract a shared pair of 
electrons. 


H2H ie Qaae she Ut “NESN: cpap ey 
H—H F—F I—I N=N So = 
hydrogen fluorine iodine nitrogen carbon disulfide 


Examples of nonpolar covalent bonding. In each case the bonding 
electrons are equally shared between the bonded atoms. 


Figure G2 


Polar Covalent Bonds 


Covalent bonds in which the bonding electrons are unequally shared, and thus unsymmetrically distributed 
between the nuclei of two bonded atoms, are called polar covalent bonds. Such bonds occur between atoms of 
different electronegativity. 


Comparison between two molecules, chlorine, Cl,, and hydrogen chloride, HCl, will serve to illustrate the dif- 
ference between nonpolar and polar covalent bonding. 


oe XX x X 
: Xx rhe, : x 
-Cl © Cy H , Cl x 
ee X Xx XX 
(nonpolar covalent bond) (polar covalent bond) 


Both molecules are formed by sharing one pair of electrons. In the chlorine molecule, the electrons shared in 
the covalent bond are evenly distributed between the two chlorine atoms. However, in the hydrogen chloride 
molecule the shared electrons are not evenly distributed between the hydrogen and the chlorine atoms. Chlorine 
has an electronegativity of 3.0 and hydrogen 2.1. This indicates that the chlorine atom attracts the shared 
electrons more strongly than the hydrogen atom. Thus, the shared electrons are pulled closer to the more 
electronegative chlorine atom. Because the shared electrons are displaced towards chlorine and away from 
hydrogen, the chlorine becomes partially negative and the hydrogen partially positive. * (See Figure G3 follow- 
ing.) 
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POLARITY OF COVALENT BONDS 


The pair of shared electrons in HCI is closer to 
the more electronegative chlorine atom than to 
the hydrogen atom giving the chlorine atom a 
partial negative charge and the hydrogen atom 
a partial positive charge. 





Polar Covalent Bonding in the HCI Molecule 
Figure G3 


* The Greek letter delta is commonly used to mean ‘‘partially’’. Thus, 8- means partially negative. 


Bond Dipoles 


It should be remembered that in polar covalent bonds, as in the hydrogen chloride molecule just described, 
there is neither a loss nor a gain of electrons. There is only a displacement of shared electrons away from one 
atom and toward another atom. Thus, molecules that have polar covalent bonds are electrically neutral. In effect, 
polar bonding gives rise to partially positive and partially negative regions within molecules called electric poles. 
Polar covalent bonds can be said to have a charge separation or a bond dipole. Such a bond dipole can be repre- 
sented by an arrow with the arrowhead pointing towards the partially negative site or the more electronegative 
atom. (See Figure G3 preceding.) 


Exercise: 
For each of the following molecules: 
a. write the structural formula 


b. draw arrows to represent bond dipoles. 


e.g. H,O 1. HF 2. NH, 


2X 


H 
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(Optional) POLARITY OF MOLECULES 
Polarity of Molecules 


In order to determine the polarity of a molecule, the stereochemistry of the molecule must be known along with 
the bond dipoles. The steps to be followed in determining the polarity of a molecule are: 


1 draw a Lewis diagram of the molecule 

2. apply the VSEPR rules to draw a shape (stereochemistry) diagram of the molecule 

3. use electronegativities to determine bond dipoles 

4. use the shape diagram complete with bond dipoles to determine the molecular dipole (i.e., determine 
whether the molecule is polar or nonpolar). 


For the latter step if bond dipoles cancel, the molecule is nonpolar, if bond dipoles do not cancel, the molecule 
is polar. In every case, bond polarity is determined by vector addition of bond dipoles. 


Table G5 summarizes the situations that give rise to molecular polarity or nonpolarity when the species bonded 
to the central atom are identical. If nonidentical species are bonded to the central atom, the bond dipoles may not 
cancel. For example, CH, is nonpolar, but CH, Cl is polar because the C-Cl bond dipole is not cancelled by the 
C-H bond dipoles. Similar reasoning can be applied to other cases involving nonidentical species bonded to the 


central atom. 
Other 
Examples 


O,,N,, and 
diatomic 
halogens. 


Table G5 
Polarity of Molecules 


Formula and Shape Around Bond Dipoles 
Lewis Diagram | Central Atom(s) and Polarity Explanation 
H, , H-H diatomic molecule with no bond 
linear nonpolar dipole, therefore molecule Is 
H*H nonpolar 
HCl H - Cl diatomic molecule with bond 
linear —_—_ > 
polar 


dipole, therefore molecule is 
polar 
+t -—> 
linear O=C=O0 
nonpolar 
H 
iv 
V-shaped 
\k 
H 
polar 


































hydrogen 
halides 











equal bond dipoles oppositely 
directed to give vector sum of 
zero, hence molecule is 
nonpolar 
vector sum of bond dipoles gives 
resultant molecular dipole 
(heavy arrow) hence molecule is 
polar 




























H,S, H,Se 
and halides 
of oxygen 
and sulfur 

















vector sum of bond dipoles gives PH, , ASH, 

resultant molecular dipole and halides 
pyramidal (heavy arrow) hence molecule is of N,P 

polar and As 

















hydrides 
and halides 
of C and Si 


equal bond dipoles give vector 
sum of zero, hence molecule is 
nonpolar 










tetrahedral 
H 








nonpolar 
































H H }equal bond dipoles give vector ‘around C 

\ Z/ sum of zero, hence molecule is double 
iHooral C=C nonpolar bonded to 
One 7 \, another C 














nonpolar 


H=C = C-H 
nonpolar 













around 
C triple 
bonded to 


equal bond dipoles oppositely 
directed to give vector sum of 
zero, hence molecule is nonpolar 





linear 
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(Optional) POLARITY OF BONDS AND MOLECULES 


Polarity of Molecules 


For each of the following hypothetical molecules indicate whether the bonds are polar or nonpolar, and 
whether the molecule is polar or nonpolar. Assume that A, B, C, X, Y and Z have different electronegativities. 
The first is done as an example. (Note that it is possible that a given molecule can have both polar and nonpolar 


bonds.) 
Shape Around 
Shape Diagram Central Atom(s) Polarity of Bond(s) Polarity of Molecule 


linear nonpolar nonpolar 
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(Optional) POLARITY OF BONDS AND MOLECULES 


For each of the following molecules draw the diagram to represent the actual shape and use arrows to indicate 


bond dipoles. Give the name to represent actual shape and indicate whether the molecule is polar or nonpolar. 
The first is done as an example. 


Molecular Lewis Shape Around Shape Diagram and Polarity 
Formula Diagram Central Atom(s) Bond Dipoles of Molecule 


pyramidal 
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POLARITY OF MOLECULES (WITHOUT STEREOCHEMISTRY) 


Limitations of the Rules and Theories Previously Presented 


The previous sections on VSEPR rules (stereochemistry), electronegativity, bond dipoles and molecular dip- 
oles present a systematic approach to predicting the polarity of molecules. The systematic approach is pur- 
posely limited to molecules containing atoms which obey the octet rule and which share unpaired (bonding) 
electrons but not paired (lone pair) electrons. This is not to say that VSEPR rules cannot make predictions in non- 
octet and lone pair bonding or even ionic bonding situations—they can. In keeping with the scientific tradition of 
using the simplest theory possible to explain the situation at hand, the total VSEPR rules were not presented. The 
limited VSEPR theory presented will make accurate predictions for nearly all molecules encountered in the 
ALCHEM materials. 


An Even More Limited Set of Rules 


For the majority of molecules encountered in the ALCHEM materials an even more limited set of rules for 
recognizing polar and nonpolar molecules may be used. The rules assume only a very general background know- 
ledge of electronegativity, bond dipoles, molecular dipoles and shapes of molecules (stereochemistry). 


Electronegativity 


Atoms do not have an equal attraction for the shared electrons of a covalent bond. A relative measure of the 
strengths of attraction of atoms for electrons is given by the electronegativity (see the ALCHEM periodic table). 
The greater the strength of attraction for electrons, the greater the electronegativity (e.g., fluorine has the 
largest electronegativity and francium and cesium the smallest). 


Bond Dipoles 


A difference in electronegativity (attraction for electrons) results in the electrons of a covalent bond being 
shared unequally. The electrons of the covalent bond spend more of their time near the more electronegative 
atom. The unequal electron charge distribution gives rise to a covalent bond with a partially negative and a par- 
tially positive pole (end). Such covalent bonds are said to have a bond dipole (in the direction of the partially 
negative region) and are called polar covalent bonds. Covalent bonds between identical atoms or between atoms 
with the same electronegativity have no bond dipole and are called nonpolar covalent bonds. 


Molecular Dipoles 


A molecular dipole is the resultant of the bond dipoles. Depending on the direction of the bond dipoles ina 
molecule, they may either cancel or not cancel to Produce nonpolar and polar molecules respectively. To be 
fairly exact in determining whether the bond dipoles in a molecule cancel or not the shape (stereochemistry) of 
the molecule should be known. However, predictions using structural formulas (which are only two dimensional 


diagrams) or even molecular formulas for a limited number of common types of molecules can be made (see 
below). 


Recognizing Nonpolar Molecules 


is CyRy, where C is carbon and R is any other nonmetallic atom; e.g., CH, and. C. 6. 
2. Ry, any molecular element; e.g., re cla sys. 


Recognizing Polar Molecules 


1. CyRyS7, where C is carbon and R and § represent two different nonmetallic atoms; e.g., CH,Cl and 
C,H,Cl,. (There are a few exceptions to this rule.) 


2. RS, binary molecular compounds; e.g., HCl and IBr. 


Sie NR, or OR 


oe ce x, USUally any molecule containing oxygen and/or nitrogen atoms: Ch Ope CH, OH and NH, (but 
wi 
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POLARITY OF MOLECULES (WITHOUT STEREOCHEMISTRY) 


recognizing the polarity of a limited number of molecules as 


Complete the following table using the rules for 
he structural formulas may not represent the true orientation 


presented on the previous page. (Remember that t 
of the atoms nor the three dimensional shape of the molecule). 


Molecular Structural Polar or Nonpolar Molecular Structural Polar or Nonpolat 


Formula Formula 


Molecule Formula Formula Molecule 
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BONDING BETWEEN MOLECULES — VAN DER WAALS FORCES 


General Description of Intermolecular Bonding 


To this point, this unit has discussed the bonding that holds atoms together within a molecule. A little reflection 
must lead to the conclusion that there must also be attractive forces between molecules. Simply put, gaseous 
substances (oxygen for example) upon cooling will condense to liquid or solid form. Molecules of such sub- 
stances must attract each other, in order for molecules to come closer together to form liquids and solids. 
Advances in low-temperature research have proved that a// substances will condense if cooled enough. 


Comparison of Covalent and Intermolecular Bonding 


Like covalent bonds, intermolecular attractions are electrostatic. Intermolecular bonding results from simul- 
taneous attractions (again not unlike covalent bonding). 


However, there are important differences between intermolecular bonds and covalent bonds. 


1. Valence electrons are not shared since the bonding capacity of atoms is completed when they bond to form 
molecules. 

2. In covalent bonding only a specific number of atoms will bond to form a complete molecule. Intermolecular 
forces will attract as many molecules as can physically surround one another and should be thought of as 
being three dimensional out to the limits of the sample. 

3. Intermolecular forces are much weaker than covalent bonds. Consider that, while heating water will pull its 
molecules away from each other (vaporization), the H and O atoms in the water molecule stay firmly 
together, as Hp Og). 


Types of Intermolecular Forces 


Several intermolecular forces are currently identified. In most cases, more than one type of intermolecular 
force act together in contributing to the total attraction between molecules. The most widely accepted theories 
recognize two main types of intermolecular forces between molecules. 


1. van der Waals forces 

a. dipole-dipole forces 

b. London dispersion forces 
2. hydrogen bonding 


Van der Waals Forces 


Van der Waals forces are named after the Dutch scientist Johannes Diderik van der Waals (1837-1923), Pro- 
fessor of Physics at Amsterdam University. Van der Waals forces are present between a// chemical species— 


atoms, molecules and ions. Van der Waal forces are subdivided into dipole-dipole forces and London dispersion 
fcrces. 


1. Dipole-Dipole Forces 


If the molecules ina Sample are polar, the presence of molecular dipoles causes simultaneous intermolecular 


attraction. The positive side of one molecule attracts the negative side of a neighboring molecule, which 


ae <i 
eS 
aie a 


Simultaneous Dipole-Dipole Forces 
Figure G4 


G9 CHEMICAL BONDING G23 
LONDON DISPERSION FORCES 


2 London Dispersion Forces 


Many substances consist of nonpolar molecules; i.e., CO,,H,, Cl, and the monatomic noble gases. Each of 
these substances has its own boiling point. Therefore, there must exist a force of intermolecular attraction which 
does not depend on polarity. 


Consider the case of chlorine which condenses from vapor to liquid when cooled to -35°C and solidifies at 
-101°C. While humans consider such temperatures very low they are still a long way above absolute 
zero (-273.15°C). 


London dispersion 
intermolecular force 
region 


Covalent bond region 





London Dispersion Forces 
Figure G5 


The two chlorine atoms in each chlorine molecule share two bonding electrons. Because these shared 
electrons are in the valence energy level of both atoms at the same time, they are simultaneously attracted 
strongly by both nuclei. The atoms show a strong tendency to stay together held by the covalent bond. 


Now consider that the chlorine nuclei in one molecule may, and in fact do, attract all of the other electrons in 
neighboring molecules. All electrons are thus simultaneously attracted by all neighboring nuclei. Because these 
electrons are much farther out than the valence energy level they are not attracted very strongly by these nuclei, 
but obviously if chlorine molecules are moving slowly enough these attractions will pull the molecules together 
(i.e., cause condensation). 


Two factors influence the strength of London dispersion forces. 


1. The number of electrons in the molecules. (In general, the more electrons the molecules of a substance 
have, the stronger the London dispersion forces.) 


2. The shapes of the molecules. (Shape affects how closely the molecules may approach each other in solid 
and liquid states. The closer the molecules can get, the stronger the attraction will be. Consider that sugar 
cubes can be packed much more closely than ping-pong balls in any container.) 


London dispersion forces are much weaker than covalent bonds for two reasons. 
14. The simultaneously attracted electrons are much further from the nuclei. 
2. Repulsion or shielding effects from inner electrons are significant. 


All molecules have London dispersion forces, and if they are polar, they have dipole-dipole forces as well. The 
London dispersion forces are usually far more significant in cases where both types of van der Waal forces exist. 


Note: 


Refer back to the note at the bottom of G1. Can all bonding thus far in this unit be explained in terms of simul- 
taneous attractions? 
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| LONDON DISPERSION FORCES 


A fairly valid measure of the comparative strengths of intermolecular forces for substances is a aang: 
their boiling points. This works fairly well since the stronger the intermolecular forces holding the ON aati O- 
gether in liquid phase, the more heat will be required to cause them to separate. Table G6 compares the boiling 


points of the noble gases to the number of electrons they have. 
Table G6 


Variation of the Boiling Point of the Noble Gases 
with Number of Electrons 


Number of Electrons Boiling Point 
(°C) 


18 
36 
54 















Element 







aa Re 


eee | 
Exercise: 


Further confirm the trend illustrated in Table G6 by comparing the boiling point of another group of nonpolar 


molecules—the halogens. 
Number of Electrons Boiling Point 
(°C) 





jem eres oR 
fee Ray 
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Limitations of Van der Waal Forces 


The previous sections on intermolecular forces emphasized that these forces increase with increasing number 
of electrons in an atom or molecule. Try to predict the boiling point for HF by examining the data in the table 
below. 

Table G7 


Variations of the Boiling Point of Hydrogen Halides 


Hydrogen Electronegativity Number of Boiling Point 
Halide of Halogen Electrons 


The four compounds in the preceding table are similar in that they are hydrogen halides. Each compound is 
molecular in that intermolecular attractions involve van der Waals forces. The generalization about increasing 
van der Waals forces with increasing number of electrons holds up when HCl, HB? and HI are compared. But 
hydrogen fluoride, HF, does not fit into the predicted trend. Instead of having a boiling point lower than -83.7 eG. 
thus fitting into the trend, HF has the highest boiling point of all four compounds, 19.4°C. Examination of the 
electronegativities of the halogens reveals that the HF molecule is the most polar. However, molecular polarity 
alone could not account for the magnitude of reversal in trend. The existence of an additional intermolecular 
force, greater than van der Waals forces, is suggested. This additional force is hydrogen bonding. 
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HYDROGEN BONDING 


Hydrogen Bonding 


Hydrogen bonding arises when a molecule contains a highly polar bond, such as an O-H bond, the positive end 
of which is hydrogen. When a hydrogen atom is bonded to an atom of high electronegativity (F, O, N and less 
commonly Cl) charge separation along the bond is great enough so that the hydrogen atom is attracted to a highly 
electronegative atom in another molecule having unshared electron pairs. The main reason for this attraction 
occurring is the unique nature of the hydrogen atom—the hydrogen atom has no other electrons other than those 
in the covalent bond linking it in the molecule. Consequently, the hydrogen atom’s positively charged nucleus can 
interact easily with unshared electrons on another neighboring molecule. A hydrogen bond may be thought of as 
being similar to a covalent bond. The main difference being that hydrogen bonding involves the simultaneous 
attraction of a proton by two electron pairs rather than the simultaneous attraction of electron pairs by two nuclei. 


The following examples illustrate the two main characteristics of molecules exhibiting hydrogen bonding, 
namely, that the molecule contain 
1. a highly electronegative atom (fluorine, oxygen, or nitrogen) 
2. a hydrogen atom bonded to the highly electronegative atom. 
Practically, this means that hydrogen bonding occurs in molecules containing O - H, F - H or N - H bonds. 
In diagrams" hydrogen bonding is usually shown with dotted lines to indicate that it is a weaker bond type than 


covalent bonds, which are shown as solid lines. Hydrogen bonding should be thought of as continuing from 
molecule to molecule in three dimensions out to the limits of the sample. 


1. H-F bond. The only example is hydrogen fluoride, HF (cs). 
va “, a4 ne. 
ee ee a AS H H ve H 
set] ponte Pail or F sek ove? 
e°@ ee ae F 2 F Ne 


2. ©O-H bond: One or more O - H bonds may occur in a molecule. 


Example: methanol, CH,OH(/) 


H 

H:C? O-—---H :0: Pais ler Ot hte t ot a Re tl ds Beit 
oe ee : oo ; | | | 
H H Be Cac Fl CH3 CH3 CH3 


H 


3. N-#H bond: One or more N - H bonds may occur in a molecule. 


Example: urea, CO(NH,)o(s) 


H 4H H 
eee ne Ne 

O a eee O he c O 
ae fe. pa PA 
Vie atria Ne 
> H H H 


Note that in urea molecules there are four hydrogens bonded.to nitrogens, and also an oxygen. Urea will have 
very extensive hydrogen bonding. This diagram shows only a few. 
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HYDROGEN BONDING 


Properties of Hydrogen Bonded Substances 


Hydrogen bonding affects physical and chemical properties in various ways. Some of these effects include: 


1. increased melting and boiling points 
Examples: 


a. H,O isa liquid at room temperature which boils at 100 °C, whereas H,S, which has more electrons, is a 
gas at room temperature and boils at -61 °C. 


b. Ethyl alcohol, C,H, OH, boils at 78.5 °C whereas dimethyl ether, CH,OCH,, boils at -23°C. Both com- ' 
pounds have the same number of electrons. 
2. increased solubility between substances mutually involving hydrogen bonding 
Example: 
Water, H,O, and methanol, CH,OH, or ethanol, C, H.OH, are soluble in each other in all proportions. 
All three compounds exhibit hydrogen bonding. 
3. shape and stability of certain chemical structures 


Examples: 


a. Expansion of liquid water upon freezing—when liquid water changes to ice, hydrogen bonding between 
molecules directed by the V-shape of water molecules, leaves hexagonal holes as shown. The resulting 
Structure is less dense than water. The structure would not be possible without the Stabilizing effect of 
hydrogen bonding. 


Hoe - 
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H aA =---:0——H--- 
Moe es ie 
O 
ie Be pia “Sy ia 
Phat DS woe a A 
sg ne (hydrogen bonding in 
a individual ice 
Ree Be molecule) 


Hydrogen Bonding in Ice 
Figure G6 


b. Biochemical processes: Hydrogen bondin 
effects upon Structurally huge protein mol 
lated to their shape, which in turn is rela 


g between molecules and within molecules has significant 
ecules. The behavior and Stability of protein molecules is re- 
ted to the hydrogen bonding present. 
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BONDING BETWEEN MOLECULES 


Intermolecular Forces 


1. Using the data from Table G6, plot a graph of boiling point versus number of electrons for the noble gases. 


2. State ageneralization relating Londong dispersion forces to the number of electrons in atoms or molecules. 
Explain the generalization in terms of Ar, boiling point -186 °C, and F,, boiling point -188 °C. 


3. Both Kr (boiling point, -152 °C) and HBr (boiling point, -67 °C) are isoelectronic (have the same number of 
electrons). Explain what factors could affect intermolecular bonding to cause the difference in boiling points 


between Kr and HBr. 


4. The boiling point of Cl, is -35 °C and the boiling point of C, H, Cl (monochloroethane) is 13°C. Does the ex- 
planation proposed for Question 3 apply here? Explain. 
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BONDING BETWEEN MOLECULES 


Refer to the graphs in Figure G7 when answering Questions 5, 6 and 7 following. 


100 pomme @ HO 





Boiling 
point 
°C -100 sss 
Note. The vertical columns of compounds (e.g., H, Te, 
SbH,, HI and SnH,) are isoelectronic. 
-200 | = 
-273.15 


Number of Electrons 


Boiling Points for Hydrogen Compounds of 
Group IVA, Group VA, Group VIA and Group VIIA. 


Figure G7 


5. The hydrogen compounds of Groups VA, VIA and VIIA elements have consistently increasing van der Waals 
forces (except for the first hydrogen compounds) with increasing number of electrons. Explain why the 


boiling point of the first hydrogen compounds of Groups VA, VIA and VIIA elements display a reversal in 
trend. 


6. Explain why CH,, the first member of the Group IVA hydrogen compounds, does not show the reversal in 
trend displayed by the first hydrogen compound of the other elements. 


7. The boiling points of the hydrogen compounds of the 


e Group IVA elements are consi 
boiling points of the other hydrogen compounds. Giy nat ne ae 


€ a reason for this effect. 
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BONDING BETWEEN MOLECULES 


Complete the following page. The first is given as an example. Note that there are six series or groups of 
molecules. 


Table G8 


Relation of Boiling Point to the Number of Electrons 
and to the Type of Intermolecular Forces 


Types of Intermolecular Forces 














Molecular 
Substance with 
Phase at Room 
Temperature 


van der Waals 
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BONDING BETWEEN MOLECULES 


Use the preceding table to answer Questions 27 - 33. 


PME, 


28. 


2g. 


30. 


Sie 


Bc. 


33. 


Compare the boiling points of Br, and ICI. (Note that these compounds are isoelectronic). Account for the : 
difference in boiling points. 


Does the explanation for Question 27 apply to the compounds BrF and C,H,? Explain. 


The different series of substances given in Table G8, in general, have increasing boiling points with increas- 
ing number of electrons. Explain this trend in terms of number of electrons and strength of intermolecular 
forces. 


Methanol, CH,OH, and ethanol, C, H,OH, each have the least number of electrons but the highest boiling 
point of their respective series. Account for this. 


Explain the difference in boiling point between C,H, and CH,F. 


Explain the difference in boiling point between Cl, and C,H, 9. 


Explain the difference in boiling point between BrCl and C,H, Br. 


G3 CHEMICAL BONDING G3) 
IONIC BONDING 


lonic Bonding 


From the previous discussion of polar covalent bonds, it should be evident that there are varying degrees of 
charge separation, depending on the difference between electronegativities of the atoms bonded. As the differ- 
ence between electronegativities of bonded atoms increases, charge separation can reach a condition at which 
the shared electron can be regarded as becoming the exclusive property of the more electronegative atom. At this 
point it is reasonable to assume that electron transfer has taken place. The more electronegative atom has be- 
come a negatively charged ion and the less electronegative atom, a positively charged ion. Thus, ions, the 
structural units of ionic compounds, are formed by the transfer of one or more electrons from one atom to another. 
Metallic elements, having relatively low electronegativity, tend to lose one or more electrons to form positive ions. 


Nonmetallic elements, having relatively high electronegativity, tend to gain one or more electrons to form 
‘negative ions. 


ia ae ee as ee : 
Na + [Ci Na! + Ga 


When sodium metal reacts with nonmetallic chlorine, ions are formed by transfer 
of electrons from atoms of sodium to atoms of chlorine. 


Figure G8 


The process of electron transfer from a metallic atom to a nonmetallic atom involves a fixed number of electrons. 
Usually, atoms lose or gain an appropriate number of electrons so as to acquire the electronic configuration of the 
nearest noble gas, which, except for He, is an octet structure. As a general rule, atoms of Groups IA, IIA and IIIA 
metallic elements lose one, two and three electrons respectively, and atoms of Groups VA, VIA and VII non- 
metallic elements tend to gain three, two and one electrons respectively. In the case of transition metals (to which 
no simplifying general rule can be applied) ionic charges can be obtained from the ALCHEM periodic table. Addi- 
tionally, it should be recalled that ionic compounds can involve complex ions. 


lons in ionic compounds are held together by simultaneous electrostatic forces of attraction among oppositely 
charged ions. The overall force of attraction among oppositely charged ions is called an jonic bond. lonic bonding 
produces an orderly three dimensional arrangement of ions into ionic crystals as illustrated in the diagram follow- 
ing. 
























Cr Na * 
cr Na 
rs o” 
clr ——— Na * CI” Na* 
of val 

Cl” Na 
>——= sodium ion 
yg chloride ion Nag Chk some Na’ Cl) 


NaCl lonic Crystal Lattice 


Positive and Negative lons Arrange to Form Stable Aggregates Called lonic Crystals 


Figure G9 
‘Note that in the NaCl crystal lattice every ion is closest to, and simultaneously attracted by, six ions of opposite 
charge. Each Na’ ion is simultaneously attracted to six Cl’ ions. Each Cl ion is simultaneously attracted to six Na’ 
ions. 
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IONIC BONDING 


G3 


There are several features associated with ionic bonding that collectively lead to the stable. ionic crystal. 


1. The formation of ions involves an electron transfer that usually produces ions with the most stable electronic 
configuration of a noble gas. Note that the process of electron loss is not spontaneous and energy is required 
to remove an electron from a neutral metallic atom. However, when an atom of a metal closely approaches 
an atom of a nonmetal, an electron transfer results in a more stable condition. This is because the gain of 
electrons by an atom of anonmetal is accompanied by a release of energy greater than the energy absorbed 
when the electron is removed from the metal. 


2. Anenergy release (lattice energy) occurs when positive and negative ions form the regular three-dimension- 
al arrangement found in ionic crystals. 


Because the forces which hold ionic crystals together are not concentrated between the individual atoms, the 
bonding force involves all of the ions. This gives ionic compounds the general property of high melting and boiling 
points so that they are generally found as solids at ordinary conditions. 


Exercise: 


For Questions 1 through 3 assume a metallic Element M with two valence electrons chemically reacts with a non- 
metallic Element X with seven valence electrons. 


1.’ “What kind of bond's mostilikely:to form between.M and Xe ee ee 


2. The resulting compound between M and X would form what characteristic kind of solid? 


3. Using Lewis diagrams show the electron rearrangement that occurs to form a chemical bond between M 
and X. 


4. Describe the essential difference between a polar covalent bond and an ionic bond. 


5. Discuss the statement, ‘‘An ionic bond results from the transfer of electrons”. 


Classify the bonds in the following compounds as predominately covalent or predominately ionic using the stair- 
case line on the periodic table as the dividing line for classification. 
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Identify the bond types (ionic, nonpolar covalent or polar covalent) for each of the following substances. 
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20. Can all bonding thus far in this unit be described in terms of simultaneous attractions? 
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(Optional) METALLIC BONDING 


Metallic Bonding 


Metals are held together within their crystal structure by metallic bonding. 


As with all types of chemical bonding metallic bonding is caused by simultaneous attraction of two or more 
nuclei for the same electrons. The unique character of metallic bonding results from metals having low electro- 
negativities and few valence electrons. Having few valence electrons, atoms of metals have vacant valence 
orbitals. When metallic atoms are very close to one another, the loosely held valence electrons have a continuum 
of unoccupied orbitals throughout which they can move. This leads to the picture of metals generally described as 
an array of positive ions immersed in a sea of electrons (See Figure G10.) 


metallic ions 


sea or cloud of 
mobile electrons 
(simultaneously 
attracted by 
several positive 
ions) 





General Representation of Metallic Structure 
Figure G10 


The atoms in the metallic structure become positive ions because their valence electrons are dispersed 
throughout the metal. The resulting positive ions maintain fixed positions but the electrons are free to move within 
the metal. This kind of arrangement allows the electrons to experience simultaneous electrostatic attractions to 
more than one nucleus and leads therefore to a more stable situation than the free atoms in which the electron is 
attracted to only one nucleus. This extra attraction counterbalances and overcomes the repulsion forces between 
the nuclei. 


The model for metallic bonding described above is considered to be a good model because it can account for the 
observed properties of metals. 


1. The presence of free mobile electrons in the metallic structure is consistent with the electrical conductivity 
of most metals. 


2. The relatively strong electrostatic attractions between stationary positive ions and valence electrons explains 
why all metals except mercury are solids under ordinary conditions, and most have comparatively high melt- 
ing points. 


3. The valence electrons in the metallic structure are not localized and thus the metallic bonding is not 
’ directional. The nondirectional nature of metallic bonds permits the kind of slippage effect between positive 
ions thereby accounting for the malleability and ductility of metals. 


(It should be noted that the preceding description of metallic bonding generally applies to the pure metals. 
Although the same description applies to many metallic alloys, some departure from typically metallic character is 
exhibited by intermetallic compounds. Students may wish to pursue this subject further by consulting books that 

. describe alloys (substitutional solutions, interstitial solutions and intermetallic compounds) in more detail.) 
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(Optional) NETWORK COVALENT BONDING 


Network Covalent Bonds 


An additional class of substances includes a small number of very hard and high melting point substances such 
as diamond (C,,), silicon carbide (SiC, carborundum) and silicon dioxide (SiO, , present in most rocks). Associated 
with such substances must be a rigid structure—a structure in which all atoms are linked to other atoms by inflex- 
ible bonds, as in the superstructure of a bridge. The bonds would have to be very strong and very directional in a 


three dimensional network. 


The force which bonds atoms in network solids is the covalent bond. The exceptional strength and hardness of 
diamond arises from the fact that each atom is bound in three dimensions to four other atoms, and so on. As 
shown in Figure G11 this leads to a tight three-dimensional network, where the bonds of each atom are directed to 
the corners of tetrahedron. Atoms are held in rigid positions, resulting in the high melting point of network solids. 
Electrons are not free to move, thus, there is no electrical conductivity. The overall structure can be described as 
a giant macromolecule, where every atom is simultaneously attracted to neighboring atoms by covalent bonds. 





Network Covalent Bonding 
Figure G11 
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RELATIVE STRENGTHS OF INTERMOLECULAR BONDS 


The Relative Magnitudes of Intermolecular Forces 

Any comprehensive comparison of the relative magnitudes of intermolecular forces would require taking into 
account various effects such as molecular size, number of electrons and molecular shape. However, if it is 
assumed that changes in molecular size are reflected by changes of number of electrons, some useful generaliza- 
tions can be made. 


Four of the types of bonding can be ranked in decreasing order of attractive strength as: 


Covalent : ionic : hydrogen . dipole - dipole 


A very approximate ratio of strength would be (respectively): 


106 50 : 10 : 1 


Metallic bonding varies over such a wide range that it cannot be classified in this way, even approximately. The 
melting points of metallic elements vary from -38°C for Hg to 3410°C for W. 


As long as it is assumed that any prediction is only approximate, the following rules can be used to compare 
probable properties of different substances if the bonding in the substances is known. 


1. Network covalent compounds and elements will be highest in boiling point and hardness. Every atom is held 
in place by covalent bonding. 


2. lonic compounds will have bonding strong enough to hold ions in a solid crystal at room temperature, but 
they melt and boil more easily than networks and are softer. 


3. Molecular compounds and elements can be compared as follows. 


a. If the molecules of a substance have hydrogen bonding (as well as van der Waals), the substance can be 
expected to have a much higher boiling point than any substance with molecules of even approximately 
the same size that has only van der Waals bonding 


b. In comparing two molecular substances where both have only van der Waals bonding, the molecules with 
the greater number of electrons usually have stronger attraction, and that substance can be expected to 
have a higher boiling point. 


c. In comparing two molecular substances which have molecules of very similar electron count, but where 
one has polar molecules (London dispersion + dipole-dipole) and the other has nonpolar molecules (Lon- 
don dispersion only), the polar substance will usually have the higher boiling point. 


CHEMICAL BONDING G36 


OVERVIEW OF INTERMOLECULAR BONDING 


Complete the following table by providing the name of the intermolecular bond type. The bond types (not in order) 
are metallic, dipole-dipole, hydrogen, ionic, covalent network, and London dispersion. 


Bond Characteristics Some General Examples 
Type of Formulation Properties 


The simultaneous Very hard; very high 
attraction by covalent melting point; insol- 
bonds of an atom by uble in most ordinary 
adjacent atoms within solvents; nonconduc- 
a 3-D lattice of atoms. tors of electricity 

























Cig) (diamond), 


SiO, (5), SiC(g) 
































Crystalline solids 
under ordinary condi- 
tions; high melting 
and boiling points; 
dissolve in polar 
liquids to form con- 
ducting solutions; 
electrical conductors 
in liquid phase 


The simultaneous 
attraction of an ion by 
its Surrounding ions 
of opposite charge 
within an ionic crystal 
lattice 















NaCl), Ca(OH), (s): 
CuSO, (s): NH, Clg), 


NaHCO, (s): KNO, (s) 


The simultaneous 
attraction of free 
valence electrons 

by metallic cations 


Lustrous, malleable; 
good electrical con- 
ductors; wide range 
of melting points 



























































4 The simultaneous Relatively low melt- 
| attraction of electrons ing solids, gases or 
of one molecule liquids because of 
by their own nucleus relatively weak 
and by the nuclei of Bee tie MEK) CHCl (1) 
adjacent molecules forces 
af The simultaneous Relatively high H, 01), HF(g), NH3(g): 
attraction of a hydrogen melting solids, gases C,HsOH/ 1), 42021), 
ion (proton) by the or liquids because of CH.NH 
electron pairs of relatively strong CH. Reads 
adjacent N, OorF intermolecular : (1) 
| atoms attraction 
6 


A weak intermolecular 
force which exists in 
addition to the 
stronger dispersion 
forces. Low melting 
solids, liquids and gas 







The simultaneous 
attraction of a 
molecular dipole by 
the surrounding 
molecutar dipoles. 






H2 Sg), Co Hs Cli), 
C, ee IBr(s), 
CH, !( 1) 






Complete the following table by providing the name of the intermolecular bond type. The bond types represented 
(not in order) are metallic, dipole-dipole, hydrogen, ionic, covalent network and London dispersion. 


aa ee aa er 





Write the type of intermolecular bonding under each compound below. List the compounds in order of 
Increasing boiling point. 


NaCl Na Cau. C,H,OH SiO, C,H,Cl 


CHEMICAL BONDING G37 
OVERVIEW EXERCISE 


For each of the following substances, draw the Lewis dot and structural diagrams for the molecule and identify 
the molecule as polar or nonpolar. (Optional: Draw a shape diagram of the molecule.) 


t, BrF (g) 

2. CH,Cl(g) 

3. ©, Br4 (gs) | 
4. NCI, (7) 


5. List the intermolecular bonding forces present in ethanol. 


Consider the substances C,H,Cl and C,H,! when answering the next three questions. 


6. Which of the substances, C,H,Cl and C,H,!, would probably be more polar? 9__ 
(Pe Wich Would.propably havetiie higher boting point? _—" —  seee ees ee eee 


8. What specific type of bonding probably contributes most to the intermolecular attractions in these 


substances? ae ne ee sa I a a 


9. (Optional) In which of the following does repulsion from a lone pair not influence molecular shape? 
ee emi, | Gee tg ee 


10. 


Wale 


ies 


13. 


CHEMICAL BONDING G38 
OVERVIEW EXERCISE 


The ALCHEM Organic Chemistry unit will provide information about the molecular compound benzene, 
Cy He . 

The boiling points for some benzene derivative compounds are: 

Ca Hek 285°C Gas Cli 1s2ec Cala! 2 Neaee 


Which of the following is the boiling point for C,H. Br? 
A.98°C B. 122°C ©. 156°C D. 249°C E. 337°C 9 _______________##— 


Phenol, C,H,OH, has a boiling point very close to that of iodobenzene, C,H. 1. 


List the bond types contributing to the intermolecular attractions in each substance. Explain why it is not 
possible to confidently predict which has the higher boiling point. 


Benzoic acid, C,H,COOH, has the structure shown below. Can a confident prediction be made as to 
whether its boiling point will be greater or less than that of phenol? Explain. 


H H 
N I: 
ie S16 O 
ye Ne y 
H-C C=C 
\ Cf 
C=C O-—H 
V7) N 
H H 


Given that phenol melts at 43°C, what would be the most likely physical state of benzoic acid at room 
temperature? Explain 


———<—<—<—<—$ 


peer the following substances in a list in order of increasing boiling points. List beside each substance 
e type of bonding present in the solid state. For the molecular substances, also list the number of elec- 
trons per molecule, and note whether any of the substances are isoelectronic. 


CaHy 5 C,H. (OH), (Alki SiC Catacl NaF Mg 


CHEMICAL BONDING G39 
OVERVIEW EXERCISE 


15. (Optional) Molecules are nonpolar when all of the atoms have equal electronegativity. Outline briefly, in 


point form, the other conditions that result in a molecule being nonpolar (for cases where there is only one 
central atom). 


16. Complete the following statement. 


All chemical bonds result from... 


17. In terms of electron mobility and electronegativity, explain why Na(s) is a very good conductor of electric 
current while NaCl) is a nonconductor. 


18. (Optional) Draw a Lewis dot diagram for the ammonium ion, NH, Remember that in this ion one of the 
Original valence electrons is missing. Put large brackets around the diagram with the + sign outside the 
brackets, superscripted to the right. 


19. (Optional) Draw Lewis dot diagrams for the ions - ClO™, ClO; , ClO, and ClO, . Begin by considering the dot 
diagram for a chloride ion, and remembering that a covalent bond is two nuclei attracting the same pair of 
electrons. Hint: Consider that by overcoming a small amount of repulsion, the electrons around an oxygen 

. atom would be arranged like this °0 
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Upon completion of Unit H, Organic Chemistry, the student should be able to: 


La fl 


H2. 


H3. 


H4. 


HS. 


H6. 


H7. 


H8. 


H9. 


H10. 


Hit. 


H12. 


Note: 


distinguish between organic and inorganic compounds 


recognize hydrocarbons and distinguish between the aliphatic hydrocarbons (including alkanes, alkenes, 
and alkynes) and aromatic hydrocarbons 


name and write structural formulas for the first ten members of the alkane, alkene and alkyne series and 
some of their simpler isomeric forms and name derivative compounds of benzene 


describe the characteristic bond type associated with the alkanes, alkenes, alkynes and benzene 


describe and account for some physical and chemical properties characteristic of alkanes, alkenes, alkynes 
and benzene 


identify some of the more common hydrocarbons and describe some of their uses 
recognize the application of such processes as fractional distillation, catalytic cracking and polymerization 


name, identify the functional group and its structure, and describe and account for some physical and 
chemical properties of some alcohols, carboxylic acids and esters 


recognize the process of esterification and relate the products (esters) to their natural occurrence 


identify some of the common alcohols, organic acids and benzene derivatives and describe some of their 
uses 


(optional) name, write structural formulas for and list chemical and physical properties and uses for alkyl 
halides 


(optional) name, write structural formulas for and list chemical and physical properties for cycloalkanes and 
cycloalkenes. 


The objectives for this unit are coded in the top left hand corner of each page. Refer back to this list when study- 
ing for the unit exam. 


H1,H2 ORGANIC CHEMISTRY H1 


What Organic Chemistry Is 


The terms organic and inorganic are used to distinguish between two different groups of substances. Organic 
substances are considered to include all compounds of carbon except oxides of carbon, carbonates, carbides and 
cyanides. These exceptions plus the substances of the remaining elements are considered to be inorganic. 
Organic substances include those derived from living organisms as well as numerous synthetic substances. 
Examples of organic materials are: 


foodstuffs (fats, proteins, paints, varnishes and lacquers 
carbohydrates) plastics and elastomer (e.g., 
fuels of many kinds polystyrene and rubbers) 
greases and lubricating oils dyes and pigments 
fabrics (cotton, wool, rayon, soaps and detergents 
nylon, polyesters) cosmetics 
wood and paper products some agricultural chemicals 
antibiotics and vitamins (some fertilizers, insecticides 
perfumes and flavors and pesticides) 


some explosives 


Knowledge of organic substances has grown to the extent that presently between three and four million organic 
compounds are known. By contrast, known inorganic compounds number about 50 000. To establish coherence 
among the vast array of organic compounds, chemists use the technique of simplification by classification. 
Organic compounds are usually classified into two main groups—hydrocarbons and derivatives of hydrocarbons. 
Smaller families or series of compounds are established according to their representative structure and properties. 
Such a general scheme of classification is used in approaching the study of organic compounds in this unit. 
However, since this is only intended to be a brief introduction to Organic chemistry, the scope in this unit is being 
limited to a consideration of only some of the simpler hydrocarbons and their derivatives. 


Biography of Friedrich Wohler (1800-1882) 
i 


After receiving his medical degree from the University of Heidelberg, Germany, in 
1823, Wohler decided that he liked chemistry better than medicine. He wrote to Jons 
Jakob Berzelius in Sweden asking for permission to study with him. (Berzelius was 
another famous doctor-chemist combination who was the first person to accurately 
determine the molar masses of many elements. Berzelius was the first person to use 
the term catalyst and with the many other contributions he made to science, he be- 
came a great celebrity..Both the King and Crown Prince of Sweden were his pupils 
and Berzelius was visited in his laboratory by the Czar and Prince of Russia.) Berze- 
lius welcomed Wohler, but when Wohler did his first experiment for Berzelius, the old 
master retorted “‘Doctor, that was fast but bad.’’ From Berzelius, Wohler learned 
) the importance of careful analysis. The year that Wohler spent in Stockholm was a 
most valuable experience and started a friendship that lasted for many years. When Wohler returned to Germany, 
he taught at a technical school in Berlin but was later called to the University of Gottingen where he stayed for the 
rest of his life. 





A prevalent idea at the time was that naturally occurring compounds from plants or animals were produced by 
some mysterious force which was called a vital force. It was believed that man would never be able to synthesize 
these compounds. (Wohler’s old teacher Berzelius strongly believed. this, as did some chemists in Germany, 
France and England.) While in medical school, Wohler had experimented with the waste products in urine and 
had often seen the long, thin crystals of urea. When, upon heating ammonium cyanate, he produced these same 
crystals, he wrote to Berzelius, ‘‘| must tell you that | can prepare urea without requiring the kidney of an animal, 
either man or dog.’ With the old vital-force theory exploded, many other chemists began to synthesize organic 
compounds with great success and the mystical distinction between organic compounds and inorganic 
compounds was eliminated. 


H3 ORGANIC CHEMISTRY H2 
ALKANES 


Hydrocarbons 


Hydrocarbons are organic compounds composed solely of carbon and hydrogen atoms. The atoms are bonded 
to each other by covalent bonds. The vast number and wide range of complexity of hydrocarbons necessitates 
their further subdivision into two general classes—aliphatic compounds and aromatic compounds. 


Hydrocarbons 
Aliphatics Aromatics 
(benzene-parent compounds) 
Alkanes and Alkenes and Alkynes and 
Cyclic Analogs Cyclic Analogs Cyclic Analogs 
are ie ict es 
i a Pm oe 


Bonding in Alkanes 


The alkane hydrocarbon series (the simplest class of organic compounds) has the general formula CyhHoan4+2- 
These hydrocarbons are like other organic compounds in that each carbon atom shares four pairs of electrons to 
form four covalent bonds. All members of this series are called saturated compounds. The term saturated is used 
to describe any organic molecule that contains only single bonds between carbon atoms. 


isomerism in Alkanes 


Consider the following structural formulas for butane, C,H, 9. 


H H H H H H H 
| | | | i a A i 
H-C—c—c—cCc-—H Mee? ome 
canara eXlolbeen! "Tal Bis 
H...H..H. H 
H—C-H 
H 


Note that these two compounds have the same molecular formula, C,H,,, but different structural formulas. 
Compounds with the same molecular formula but different structural formulas are called structural isomers. The 
two butanes, for which the structural formulas are given above, are isomers of each other. The structural formula 
containing the straight chain is a normal alkane, the other a branched alkane. 


The number of possible isomers increases rapidly as the number of carbon atoms are increased. For example, 
three isomers are possible for C,H, 5, five forC,H,,, 75 forC, ,H,», 366 319 forC,yH,. and 4 111 846 763 for 
C3) Heo. Quite obviously, all these isomeric forms, though theoretically possible, have not been prepared. In 
fact the total number of known organic compounds is less than the number of possible isomers for Cz, Hg - 


Nomenclature of Alkanes 


The large number of isomers poses a major problem when naming organic compounds. This problem is over- 
come by using a systematic method of nomenclature. (In some instances a common name is retained.) The 
systematic names, developed by the International Union of Pure and Applied Chemistry (IUPAC), are used by 
chemists throughout the world. The rules for the nomenclature of alkanes using the IUPAC system are listed 
below. (The CRC Handbook of Chemistry and Physics contains the complete list of |UPAC rules.) 


Nomenclature of Straight Chain Alkanes 


Straight chain alkanes are given the name listed in Table H1. Each straight chain alkane is named according to 


the stem plus the ending ane. The first four members retain the common name and stem. All subsequent stems 
use the Greek or Latin (e.g., non) numerical prefixes. 


ORGANIC CHEMISTRY 


ALKANES 
Table H1 


Names for Normal (Straight) Chain Alkane Series 














Phase at 
Room Temp. 


Molecular 
Formula 





Structural Formula 












oO 
Comal 
=i 
je) 
= 
(40) 


i 
3 
ae 















— 
PS 







op) 





@ 





ine) 
oO 








Note: 


CigH3,4 










C, 7H36 






H3 


Uses or Sources 


I a 
natural 


gas 


high grade 
naphtha 


gasoline 
(C, toC,.) 


kerosene (C,, toC, ,) 


Lubricating oil 


mixture of higher 


hydrocarbons 
paraffin 
(Coq to Cg) 


1. Chemists and chemistry students find it very useful to memorize the names (more especially the prefixes) 


of the first ten alkanes. 


-2. The prefixes used in naming carbon chains longer than ten carbons are given in the CRC Handbook of 


Chemistry and Physics (\UPAC Section 1.1). 
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Nomenclature of Branch Chained Alkanes 


The following steps are used in naming branched chain hydrocarbons. 
+. Determine the longest continuous chain of carbon atoms in the molecule (IUPAC Section 2.1). 


2 Number the carbon atoms of the continuous chain consecutively starting at the end closest to the branching 
(IUPAC Section 2.2). 


3. Locate the branch by the number of the carbon atom to which it is attached on the continuous chain (IUPAC 
Section 2.2). 


4. Name the branch. The branches are called alkyl groups (CpH,, +, groups) and are named by using the 
stem of the parent alkane plus the ending yl. The position and name of alkyl branches are given first in the 
over-all name (IUPAC Section 1.2). 


A 

Examples: 1 CH Ikyl Groups 
2 CH methyl, CH, — 

; a ‘ - | 4 5 6 % ethyl, C,H, — 
ee alg ae ae Bs Be CHEECH (CH ner. sacri, propyl, C,H, — 

ors butyl, C,H, — 

2-methylpentane CH, Vora 's 

CH, pentyl, C;H,, — 


s. 


location branch longest chain 
of alkyl 

branch on 

chain 


3-ethylheptane 


5. If more than one of the same alkyl groups are present as branches, the number of these branches is indi- 
cated by the prefixes—di, tri, tetra, penta, etc. The location of each of these alkyl groups is indicated by a 
number, using the lowest numbers possible (IUPAC Section 2.2). 


Example: 
CH, 


l 
CH, - CH - CH, - CH - CH, ~ CH, 
CH, 


2,4 - dimethylhexane 
\ eres gene 


ee 


note written as single word 
punctuation 


6.  |f different alkyl groups are present as branches, assign the lowest numbers possible to locate each branch. 


‘ order of the branches is either alphabetical or by complexity regardless of the numbers (IUPAC Section 


Example: 
CH, 
\ 
(ts oH 
CH, ceils = CH. «= ve - Cho w= Chip = CH =i@hoe = Ch u-aCH. 
CH, 
3-ethyl-4,7-dimethyldecane (alphabetical order) 


or 4,7-dimethyl-3-ethyldecane (complexity order) 


ORGANIC CHEMISTRY 
ALKANES 
Nomenclature of Alkanes 


fh 


Draw structural formulas and give the names for the five possible (noncyclic) isomers of Celle, 


Why is the name, 2-ethyl-2,4-dimethylhexane unsuitable for the following compound? What is the correct 
name of the compound? 


H, Sat 
CH, - § - CH, - CH - CH, - CH, 
CH 


3 


Name each of the following compounds. 


CH, 
3. CH, - CH, - GH - CH, - CH, 4, CH, - CH > GH = CH, 
GH, CHs 
CH, 
i i 
CH, - CH - GH - CH, - CH, 6. CH, 
CH, CH, - by - 
| 
CH, 


GH - CH, - CH, 
Cli, 
CH, 





H5 


6 
H3,H4,H5 ORGANIC CHEMISTRY H 


ALKANES 
ii 
i CHS OHPsiCH) =*CHe eH) 
7. CHgi1CH CHIH) nC) ¢ 2 2 
CH, 
| 
ie 
CH, 


ie 
CH, 
! CH 
8 else clad (Chala Tia 3 
CH, 
, 
CH, 


Write structural formulas for the following compounds. 


9. 3-ethylhexane 10. 2,4-dimethylheptane 


11. 3,4-diethyl-3-methylhexane 12. 3-ethyl-4,5-dipropyloctane 


Physical Properties of Alkanes 


The alkanes form a set of compounds called an homologous series. This is a name applied to any series in 
which each successive member differs by a CH, unit. Within a homologous series (e.g., alkanes) the boiling 
points (and hence the melting points) increase as the carbon content increases as illustrated in Table H1. This 
trend is predictable. Molecules of hydrocarbons are nonpolar and it should be expected that London dispersion 
forces should increase as the number of electrons in the molecule increases. Alkanes containing up to four 
carbons are gases. The straight chain alkanes from five to sixteen carbon atoms are liquids. Beyond that the 
compounds are wax-like solids. Further, because alkane intermolecular attractions involve only London disper- 


sion forces, alkanes have relatively low melting and boiling points compared to inorganic compounds of similar 
molar mass. 


Since alkanes are nonpolar, they are not soluble in polar solvents such as water. Liquid alkanes are good 
solvents for other hydrocarbons. 


H5,H6 ORGANIC CHEMISTRY H 
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Chemical Properties of Alkanes 


Alkanes are relatively unreactive under Ordinary conditions. However, some reactions of alkanes are common 
at higher temperatures. 


1. Alkanes react with oxygen (burn or undergo combustion) at high temperatures to produce primarily CO, 
and HO. The reaction is called combustion. Alkanes used in this manner are called fuels. For example, the 
burning of propane is represented by the equation, 


CaHe(g) * 502(g) ———m 3CO,(g) + 4H,0(Q) 


2.. In the absence of air, alkanes can be cracked (broken into smaller fragments) at high temperatures or in the 
presence of catalysts. This process is called thermal or Catalytic cracking. The cracking reaction is 
commonly used to convert high molar mass hydrocarbons (C,5 to C,,) to gasoline hydrocarbons (C, 
to Gyn). 


3. Alkanes can undergo substitution reactions in which another atom or group of atoms is substituted for a 
hydrogen atom. For example, the chloro substitutions of methane can be represented by the equation, 


ela = Cet UaR peat or gat! eine 
H H 


Substitutions reactions of alkanes usually occur very slowly and only in the presence of light. 


Exercise on Physical and Chemical Properties of Alkanes 


For each of the following questions write a balanced chemical equation using structural formulas for all organic 
substances. (The nomenclature of the halogen substituted alkane will be covered later in the unit.) 


1. combustion of 2,2,4-trimethylpentane 


2. formation of eau from an alkane 
Br 


3. formation of (CH, ), CCICCI(CH, ). from an alkane 
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Some Common Sources and Uses of Alkanes 


The main source of hydrocarbons is petroleum. However, the various hydrocarbon components of crude petro- 
ileum must be separated before they can be used. The processes involved in separation, purification and increas- 
ing the yield of the desireable components of crude petroleum is called petroleum refining. 


Since crude petroleum is a complex mixture of hydrocarbons, it has no fixed boiling point. The mixture has a 
boiling or distillation range which may start as low as 20°C and end above 400 °C. The difference in the volatility 
(as indicated by boiling point) of components (fractions) in the mixture makes possible the initial rough separation 
of crude petroleum by fractional distillation ( fractionation* ). |n general, the smaller the molecule the lower its 
boiling point (recall the variation of London dispersion forces with number of electrons in the molecule). As a 
result, fractional distillation sorts the crude petroleum into its main constituents according to the size of 
molecules. 


The separation of crude petroleum by fractional distillation is affected in vertical columns containing series of 
horizontal plates or trays (see Figure H2). The crude petroleum is heated to about 400 °C and the vapors pass into 


the fractionation tower. 
Syl gasoline vapor 


fractionating tower 


condenser 









gases « 












gasoline 

PRON 
vt em 
0 te ee 

kerosene 

heating oil 

: condensate tray 
lubricating oil 






crude 
furnace oil 
<q 


steam 


asphalt & heavy oil ~< 


@arracrera Vorrr@vee Varvara qrrrwzaew 


Schematic Diagram of a Typical Modern Fractionation Tower 
Figure H2 


* Other processes involved in petroleum refining i ificati 
) ing include purification by solvent extracti i- 
zation, catalytic cracking and catalytic reforming. / cHlonn a SRI aie il 
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As the vapors pass through the openings in the trays they condense to the liquid phase. The more volatile 
portion of the liquid re-vaporizes and rises to the next tray. The less volatile portion remains on the tray where it 
serves to condense new vapors rising from below. Thus, the various fractions of the crude oil distribute them- 
selves among the trays according to boiling temperature ranges. In this way, the extremely light gases are taken 
off at the top of the tower, gasoline from the top tray, the kerosene and gas oils in the middle, and the fuel/oils, 
lubricants and waxes at the bottom. Residue drawn off at the bottom may be burned as fuel, processed into 
asphalt, or heated further to produce other hydrocarbons and a residue of coke (see Table H2).)34 


Fractional distillation is a physical process, and does not alter the chemical composition of the hydrocarbon 
molecules. To bring about chemical changes, other refining methods are used, generally called cracking or 
reforming processes. 


The first cracking processes, because of the use of high temperatures, were called thermal cracking. These 
have been largely replaced by methods called catalytic cracking in which the molecular breakdown is brought 
about by catalysts. The cracking process breaks down large molecules into smaller molecules; e.g., heavier 
fractions are broken down into more useful fractions such as gasoline or kerosene. 


Thermal and catalytic reforming uses heat or catalysts respectively to convert lighter molecules into heavier 
fractions. Reforming is most commonly used to convert low-grade gasolines into higher-grade fuels, and to pro- 
duce larger hydrocarbons for chemical use. 


By using fractional distillation and various other processes, the end-products from refining can be varied within 
fairly wide limits. Generally, the main factors which affect the end products are the kind of crude petroleum avail- 
able (crudes from different sources may vary in their constituents) and the economic demands for specific 
products. 


Table H2 
Fractions from Fractional Distillation of Petroleum 


Range of Boiling Point 
Carbon Atoms | Range ( °C) Fraction Some Typical Uses 
Jor-Cs" | -164 to 30 ee gaseous fuel; e.g., heating homes 


30 to 90 petroleum ether solvent, drycleaning 


fuel for stoves, diesel and 
C12 -Cr6 175 foe28 jet engines; cracking stock 
C,5-Cig up to 375 light gas oil or fuel oil furnace oil; cracking stock 


350 and up heavy gas oil lubricating oils; cracking stock 
| lubrication; cracking stock 


melt at . candles, waxed paper, cosmetics, 
52-57 paraffin (wax) polishes; cracking stock 

: F asphalts and tars (roofing and 
to 515 paving; wax; residual oils) 


* Also available from natural gas. 
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Chemical and Physical Properties of Alkanes 


1. What physical property is used to separate different compounds in a petroleum fractionation tower? 


2. How does the average number of carbon atoms per molecule vary for the fractionation products shown in 
Figure H2 and Table H2. Explain this order. 


3. What chemical processes may be used to convert the petroleum distillation residue into gasoline or 
naphtha (C, - C,, boiling range 60 - 100°C)? 


4. Compare catalytic cracking to catalytic reforming. 


Complete the following equations. Use structural formulas for the Organic compounds. (The halogen substituted 
alkanes need not be named until later in the unit.) 


B, GH, - CH, = CHa (CH, eB ye—— tee 


6. CH, -CH- CH, -CH, + O, ——jm 
CH, 


7. decane + hydrogen NEGIOL 
yarog catalyst Outane + 
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Purpose: 


To separate a two-component mixture by the method of fractional distillation. 
















Materials: 
| 
| 
thermometer 
2 three way 
connecting adaptor 
condenser y clamp 
water 
clamp == 4 







—— two way 
connecting 
adaptor 
with 
vent 


> Farcr eal 


aS aes ya Slat Sadan! 
ee oe ee ee eee ee 


fractionation column 


rose 


=< 


wee 6 ee es ee > ee ee ce ss 


— 
~A4 a) 


¥ 
ae 
= 


round bottom 
flasks 


iron ring 


Variable AC 
ower 


upply 


wire guaze 


heating mantle 


@s: 


iron ring or mantle basket 





ring stands 


(C———— 
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FRACTIONAL DISTILLATION — DEMO H1 


























Fractional Distillation of a Two Component Mixture 
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FRACTIONAL DISTILLATION — DEMO H1 


Procedure: 

1. Assemble the apparatus as pictured. 

2. Place 50 mL of the mixture in the distillation flask. Add several boiling chips. 

3. Check to ensure that all connections are tight. 

4. Heat the mixture slowly. 

5. When the temperature starts to rise, record the temperature every 30 s. (Use the margin to record the 


temperatures. ) 

Note: The levelling-off of temperature indicates that one of the components of the mixture is boiling. At this 
temperature liquid will begin to collect in the collection flask. Remember that the thermometer is 
measuring the temperature of the vapor not the temperature of liquid in the flask. 

6. Once the temperature begins to rise again, change the collection flask to collect the next component that 
distills. 
7. Continue heating until the temperature levels off again. Continue the procedure only until a few millilitres 
remains in the heating flask. Do not heat to dryness. 
8. Use the 25 mL graduated cylinder to measure the volume of the first fraction collected. Record this volume 
in the data table provided and calculate the volume of the second fraction by subtraction. 
9. Plot a graph of temperature versus time on the ruled page provided. 
10. From the graph plotted, determine the temperature that most likely represents the boiling point of each 
component. Record these temperatures in the data table provided. 
11. Calculate the percent composition of the mixture. Record this composition in the data table provided. Show 
all work. 


Observations and Calculations: 


Percent by Volume 
(Show Method) 





Questions: 


1. Account for the plateaus on the graph of temperature versus time. 


2. Account for the small drop in temperature at the end of the plateau for pentane. 


3. Account for the relatively rapid rise in temperature between the plateaus on the graph of temperature 
versus time. 


4. Account for the large difference in boiling point between pentane and 2-butanol. 
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Bonding in Alkenes 


The alkenes (general formula, C,H,,,) contain two less hydrogen atoms than the alkanes with the same 
number of carbon atoms. Since each carbon must have four covalent bonds, the lower H-to-C ratio necessitates 
that a double bond be placed between one pair of carbon atoms. Because of the presence of a double bond, the 
term unsaturatedis applied to the compounds in this series. Each carbon atom that is part of the double bond in 
an alkene is bonded to two other atoms. For example, the bonding in the simplest alkene, C,H,, can be repre- 
sented as follows: 


e H.. . TS mer 
2 *C* and4H-—® (C::C, or ene 
H" H H H 


Nomenclature of Alkenes 


The IUPAC system of nomenclature for the alkanes applies to the alkenes with the following additions (IUPAC 
Section 3.1). 
1. The ending ene is used (instead of ane) to indicate the presence of one carbon-to-carbon double bond. 


2. The longest continuous chain of carbon atoms containing the double bond determines the stem for the 
name. 


3. The longest continuous chain is numbered so that the carbon atoms of the double bond have the lowest 
possible numbers, and next so that the branches have the lowest possible numbers. 
Examples: 


The only alkene common to high school chemistry for which a common (nonsystematic) name is retained by 
the IUPAC is ethylene for C,H,. 


CH, = CH, CH, = CH - CH, 
ethene (ethylene) propene 
CH, = CH - CH, - CH, CH, - CH = CH - CH, 
1-butene 2-butene 
CH, 
CH, oH, 
Cis -IGhs —'C = )CH, CH, - CH, - © = CG - CH, - CH, 
2-methyl-1-butene by 
ae 
CH, 


3,4-diethyl-3-hexene 
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Names and Structural Fomulas of Alkenes 


Provide the name for each of the following compounds. 





paces CH CH, eer = CH’ CH, 2. CH, - CH = @ - CH, 
CH, 
. uy eee eee 
CH, 
2s CH, = CH - G- CHy - CH, 4. CHs - G = CH - CH - CH, - CH, 
CH, H, CH, 
CH, 





Write a structural formula for each of the following compounds. 


5. 3-octene 6. 2,4-dimethyl-2-pentene 


7. 3-methyl-4-ethyl-2-hexene 8. 2-methylpropene 


9. Draw structural formula for five noncyclic isomeric forms of CH, 9. 
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Purpose: 
To construct models for some alkanes and alkenes. 


Prelab Exercise: 
If the teacher so instructs complete the following tables before going into the laboratory. 


Procedure: 


1. Use a molecular models kit to construct the following alkanes and alkenes. 
2. If using ball and spring kits assemble anddisassemble by turning clockwise. (Turning counter-clockwise will 


unravel the springs.) 
3. Construct as many structures as possible before disassembling to construct others. 


4. Check with the teacher if uncertain whether a model is correct. 
Observations: 


Part A: Alkanes 

Molecular 
Member Formula 
fre fo 
jews | 
a 


“i m 


Fifth 











Structural Formula 
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Observations: 


Part B:  Alkenes 
Molecular 
ember Formula 


sel. asia 
ea Ec 





(Optional) 


Part C: _Cycloalkanes 


Molecular 
Member Formula Structural Formula Name 


Third Se ee 
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ALKENES 


Physical Properties of Alkenes 


The physical properties of alkenes roughly correspond to the physical properties of alkanes with the same num- 


ber of carbons. Refer back to the physical properties of alkanes discussed earlier. 


Chemical Properties of Alkenes 


i 


Alkenes (like alkanes) react with oxygen (burn to undergo combustion) at high temperatures to produce pri- 
marily CO, and H,O. 

Oxidizing agents such as KMnO, and K,Cr,O, readily react with alkenes by attacking at the site of the 
double bond. For example, when potassium permanganate is added to an unsaturated hydrocarbon, the 
violet color of permanganate fades. This reaction, as well as the reaction with bromine, is used as a test for 
the presence of unsaturation in hydrocarbons (see Lab H2). The reaction of alkenes with KMnO, are too 
complex to consider here. 


Alkenes are chemically more reactive than alkanes because of their ability to undergo addition reactions at 
the site of the double bond. Only a single bond is necessary to hold the molecule together. The second pair 
of electrons in the double bond of the alkene is available for reaction under the right conditions. For 
example, 


H, HH H HH H HH 
CassiGaceH can become H:¢:C:C:H which becomes isiGuel@ sae st 
H° 4 H X XH 


The reaction is called an addition reaction because atoms of some substance can be added to the alkene. 
Some examples of addition reactions are given below. Note that in all instances the double bond is elimin- 
ated and a saturated compound is formed. 


Example 1: Addition reactions with hydrogen 


ene ae 
(Coat (G3 (eS Ia +H, catalyst H-C- -C-H 
| SSS | | 
H H 
HH A 


Example 2: Addition reactions with a halogen 


H H oH nents % 
~ ie 7 Dae 
Pee eee Cl, —_—_—_> H-G-G-G-H 
H H Cl dy H 
Example 3: Addition reactions with a hydrogen halide 
H H 
Nae tL | 
Cea + HBr a a yosacee dot 
7 X 
H H H b, 
Example 4: Addition reactions with water 
H H 
CEES ty 
ve = C HOH catalyst H-C-C-H 
H oy 
Hy 20H 
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Some Sources and Uses of Alkenes 


Alkenes are usually obtained in industrial quantities by the catalytic cracking of alkanes (Recall that catalytic 
cracking is a process by which larger molecules are broken down into small molecules.) The smaller alkenes (up 
to 5 carbon atoms) can be obtained from the fractional distillation of petroleum. Larger alkenes, which are not 
separated from petroleum by distillation, remain as valuable components of gasoline. 


Alkenes, particularly ethene (ethylene), because of their unsaturated and therefore chemical reactive 
character, serve as starting materials for a vast variety of useful organic compounds. (In Alberta, the production 
and utilization of ethene is expected to become a major petrochemical industry.) Only a few of the many useful 
products derived from ethene will be considered here. 


Ethylene and its Derivatives in Alberta 


Alberta’s natural gas contains compounds other than methane. The hydrogen sulfide in natural gas is removed 
by the over 40 sulfur extraction plants in Alberta as elemental sulfur. The LP (liquid petroleum) gases are re- 
moved by four gas liquification plants in Alberta. The LP gases include butane, propane and ethane. Ethane has 
been of lesser importance but now will become the most important of these gases. After the ethane is removed 
from natural gas by cooling and compression, it is cracked by heat into ethene—the main building block of 
Alberta’s petrochemical industry. 


| 88 a 
-G-¢- heat pees cou ml 


Alberta Gas Ethylene (AGE) near Red Deer will by 1980 produce 0.55 Mt/a (million tonnes per year) of ethene. Of 


this amount about two-thirds will be consumed in Alberta. (See the ALCHEM elective unit Ethylene and its 
Derivatives.) 


Under proper conditions, ethene can react with itself to form a polymer known as polyethylene. Polyethylene is 
a very long chain hydrocarbon formed by the joining of 500-700 ethene units. Polyethylene is produced in Alberta 
at CIL’s Edmonton plant. 


CHE = sch (-CH,-CH,-) 7 


The use of polyethylene is as varied as for any single substance known—including chemical equipment, packag- 
ing material, industrial protective, clothing and toys. The manufacture of various other plastics and synthetic 
fibers use ethene as a starting material. The usefulness of polyethylene and other polymers is unquestionable. 
However, at the same time, their use poses an environmental hazard, since most of these plastics are not biode- 
gradeable. Thus the utility of plastics and the consequence of their continued use pose a dilemma in modern 


society. 


The process of forming huge, high molar mass molecules from smaller molecules is called polymerization. 
The large molecule, or unit, is called the polymer and the small unit the monomer. The term polymer has its origin 
from the Greek word poly, meaning many and meres meaning part. For example, ethene is a monomer and 
polyethylene is a polymer. 


Ethylene is used as a starting compound in the manufacture of other common products such as polyesters, 
ethylene glycol (antifreeze), polyvinyl! chloride, polystyrene, polyvinyl acetate, tetraethy! lead (antiknock agents 
in gasoline), paints and drugs. 
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1. The boiling point of propane is -44.5 °C and that of propene is -47.8 °C. Is this consistent with the nature of 
the intermolecular forces present in both these hydrocarbons? Explain. 


2. Compare the chemical reactivity of alkenes with that of alkanes. 


3. Describe a test that may be used to distinguish between an alkane and an alkene. 


4. Discuss the versatility of the compound ethene. 


Write balanced equations for the reactions involving the following substances. Use structural formulas for the 
organic compounds. 


5. 1-butene and bromine 


6. 3-methyl-2-pentene and hydrogen 


7. propene and oxygen 


8. 2,3-dimethyl-2-butene and water 
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(Optional) CYCLOALKANES AND CYCLOALKENES 


Cycloalkanes—Structure and Nomenclature 


Compounds containing rings of saturated carbon atoms are known as cycloalkanes. For convenience, cyclic 
hydrocarbons can be represented by simple geometric figures; e.g., a triangle for a three-carbon ring and a 
square for a four-carbon ring. It must be remembered that each carbon still possesses four bonds. In structural 
diagrams hydrogen is assumed to be bonded to carbon to satisfy carbon’s bonding capacity unless some other 
substituent is indicated. Note that a cyclic compound contains two less hydrogen atoms than the noncyclic com- 
pound with the same number of carbon atoms. Thus the general formula for cycloalkanes is C,H, py, the same as 
the general formula for alkenes. Cycloalkanes are isomers of alkenes. The following examples illustrate the 
nomenclature, molecular formulas and structural formulas for cycloalkanes. 


CH, HC CH, 
y Ap or | | or 
HCG CHS He Orme le 
cyclopropane, C,H, cyclobutane, C,H, 


Cycloalkanes— Properties 


The cycloalkanes have higher boiling points and densities than the corresponding alkanes because of their 
more compact structure. Their chemical properties are similar to those of the alkanes except that the small ring 
compound's (up to 5 carbons) are more reactive. This is because the C-C-C bonding in the small rings is consid- 
erably less than the tetrahedral angle, resulting in a strained structure. Cyclopropane will (because of the 
strained structure) undergo addition reactions under proper conditions with hydrogen, hydrogen halides and halo- 
gens. Cyclobutane will only undergo an addition raction with hydrogen. All of the cycloalkanes, including cyclo- 
propane and cyclobutane, undergo substitution reactions like the rest of the alkanes. 


Br 
+ Bre Ser Ea eos HBr 


Cycloalkenes— Structure and Nomenclature 

Alkenes consisting of a closed ring structure are known as cycloalkenes. As with cycloalkanes, the stem name 
for cyclic alkenes is the same as that for the corresponding straight chain alkenes. The name for the cycloalkene 
as for the cycloalkane is preceded by the prefix cyclo. The cycloalkenes have two less hydrogens than the corres- 
ponding alkene, hence their general formula is Cryo n-2- (Cycloalkenes are isomers of alkynes—to be studied 
next.)The following examples illustrate the nomenclature, molecular formulas and structural formulas for 
cycloalkenes. 


ye os 
H,C CH H,C H 
OS ee es fel nate 
H,C CH 
HOCH Pty 4 
2 
cyclopentene, C,H, cyclohexene, C,H; o 


Cycloaikenes— Properties 

The cycloalkenes have slightly higher boiling points and densities than the alkenes containing the same number 
of carbon atoms. Their chemical properties are similar to those of the alkenes except that the small ring: 
compounds are more reactive than the corresponding alkene. The reason for this was given above when the 
reactivities of cycloalkanes and alkanes were compared. 


Cl 
aR Cl, —_—__—_ 


Cl 
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CYCLOALKANES AND CYCLOALKENES 
(Optional) 


Draw and name all possible structural formulas for the following molecular formulas. 


mst 2. C4Hg 


Write balanced chemical equations (using structural formulas) for the following reactions. (The nomenclature for 
the halogen products will be studied later.) 


3. cyclohexane and chlorine 


4. cyclohexene and hydrogen 


5. cyclopentene and hydrogen bromide 


6. cyclopropane and iodine (substitution reaction) 


7. cyclopropane and iodine (addition reaction) 


Account for the difference in boiling points between the isomers—1-butene (-6 °C) and cyclobutane (13°C). 
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(Optional) CYCLOALKANES AND CYCLOALKENES 


Complete the following table. 


Properties and/or Use 
Name Structural Formula (Optional) 


fea 
J— | 


4. 1 ,3-cyclopentadiene an 



















gas;boiling point 13°C; burns with luminous 
flame; insoluble in water; prepared by 
hydrogenation of cyclobutene. 





flammable liquid; boiling point 80.7 °C; 
insoluble in water; part of naphtha fraction; 
may be prepared by hydrogenating benzene 
at 150°C and 1 MPa with a nickel catalyst; 
paint and varnish remover 


liquid; boiling point 83 °C; occurs in coal tar; 
prepared by dehydration of cyclohexanol at 
high temperatures; used extensively to 
prepare other hydrocarbons (see organic 
chemistry reference books) 












liquid; boiling point 42 °C; insoluble in water; 
obtained from coke-oven gas and during the 
cracking of petroleum hydrocarbons; 
synthesis from cyclopentane; polymerizes to 
a crystalline dimer on standing; used for 
manufacturing resins 








flammable liquid; boiling point 49.3 °C; 
insoluble in water; found in petroleum ether 
fraction (C,-C,); prepared by cracking 
cyclohexane in the presence of alumina at 
high temperature and pressure - also from 
1 ,3-cyclopentadiene 


a: cyclopentane 


flammable gas; boiling point -33 °C; mixtures 
of cyclopropane and oxygen or air may 
explode; may be used as an inhalation 
anesthetic but rich oxygen mixtures must be 
avoided; prepared from ethylene, 

1 ,2-dibromocyciopropane or 1,3-dibromo 
(chloro) propane 


Optional 


Other common cyclic hydrocarbons which might be looked up are listed below. Some will be studied later. 





cyclohexaneca rboxylic| 
acid ether 


cyclopentanol cyclohexylamine | cyclohexylmethanol cyclopropyl methy! 
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Bonding in Alkynes 


Alkynes are hydrocarbons that contain a triple bond between one pair of carbon atoms. The alkynes contain 
two less hydrogens than the corresponding alkene (or four less than the corresponding alkane), hence the gen- 
eral formula for alkynes is C,H, 7-2. The alkynes, like the alkenes, are called unsaturated because they contain 
at least one multiple bond. 


Each carbon atom that is part of the triple bond in an alkyne is bonded to one other atom. The bonding in the 
simplest alkyne, C,H,, can be represented as follows: 


2°C: and 2H) ——®» = H:C:::C:H or H-C=C-H 


Nomenclature of Alkynes 


The IUPAC nomenclature for the alkynes is identical to that of the alkenes except the ending yne is used to 
indicate the presence of a triple bond (IUPAC Section 3.2). The names (including the IUPAC accepted common 
nonsystematic) name for the first member) and the structural formulas for some of the representative members 
of the series are given in the examples following. 


H-C==C-H HC=C-CH, 
ethyne (acetylene) propyne 
HC =C-CH, -CH, H,C-C==C-CH, 

1-butyne 2-butyne 


Exercise: 


Provide the name for each of the following compounds. 


If 
1. .CH==C-Ch-CH, 2. CH,-C==C-CH-CH, 
ie 
Ralweothy CH, 


a 
Write a structural formula for each of the following compounds. 


3. 4,4-diethyl-1-hexyne 4. 5-ethyl-4-propyl-2-heptyne 


5. Give the structural formula and names for three noncyclic isomeric forms of Ce Hg. 
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Physical Properties of Alkynes 


The physical properties of alkynes are quite similar to the physical properties of alkenes and alkanes with 
corresponding numbers of carbon atoms. Refer back to the discussion of properties of alkanes as a review of the 
typical physical properties. 


Chemical Properties of Alkynes 


1. Alkynes (like alkenes and alkanes) can react with oxygen (burn or undergo combustion) at high temperatures 
to produce mainly CO, and H,O. (Acetylene is an important example.) 


2. Alkynes, similar to the alkenes, can undergo addition reactions. In this respect, the alkynes are even more 
reactive than the alkenes since they can make available four bonding electrons, as shown below: 


H H 


H:C:::C:H canb pene 
ecome *C:Ce 
Alkynes can undergo addition at four sites, as illustrated in the examples following. 


B B 
H-C==C-H + 2Br, a H-G-G-H 
Br B 


The addition reaction of alkynes proceeds in two steps, depending upon the availability of added reagent, as 
the following examples illustrate. 


Step 1: H H 
H-OS0-G-4 + Cl ———_> H-O=C-C-H 
H Cl CIH 
ane ‘ae 
HG = 20 ot SNC cams ore ies Coal 
Ch Chey ) ee 


Alkynes (like alkenes) may add a variety of reactants such as hydrogen, halogens, hydrogen halides and water. 
Since alkynes are the most reactive of the aliphatic hydrocarbons, the first step of the addition is extremely fast. If 
the number of moles of the added reagent equals the number of moles of alkyne, then a substituted alkene is 
formed (Step 1). If two or more moles of reagent are added then a substituted alkane will be produced (Steps 1 


and 2). 


ORGANIC CHEMISTRY H26 
ALKYNES 


H6 
Sources, Uses and Properties of Alkynes 


Ethyne (acetylene), the most useful alkyne, can be prepared by reacting calcium carbide, CaCz(s), with 
water. In addition to acetylene, calcium hydroxide is also produced. Write a balanced equation for this 


reaction. 


ie 


2. Ethyne (acetylene) is prepared commercially in large quantities by reacting methane with itself at the high 
temperatures of an electric arc. Write a balanced equation for this reaction. 


Ethyne is so unsaturated that it reacts with many substances, including hydrogen, halogen acids (HCI aq) and 
HCIO, aq ), and other alkynes. Thus ethyne is an excellent starting material for the commercial synthesis of 
more complex organic compounds such as ethanoic acid, ethyl and other alcohols, benzene, synthetic rubber 
and synthetic fibers such as Orlon, Acrilan and Dynel. The polymerization of ethyne, like that of ethene, repre- 


sents a typical reaction of unsaturated hydrocarbons. 


3. Write a balanced equation for the controlled addition of one mole of chlorous acid to one mole of ethyne. 


4. Write a balanced equation for the addition of excess hydrochloric acid to ethyne. 


. Ethyne is really the only. unsaturated hydrocarbon that is burned as a source of heat. The high heat of combus- 
tion of ethyne makes it useful in oxy-acetylene welding. 


5. Write a balanced equation for the combustion of ethyne. 


ae 
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Molecular 
Name Formula Structural Formula 








propane 


10.  2-pentene 


methylpropene 








(optional) 
1 ,3-butadiene 
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13. Explain, using Lewis dot diagrams, the relative reactivity of alkenes and alkynes. 
14. Which types of reactions are common to each of alkanes, alkenes and alkynes? 
15. State one important use for the first member of each of the alkanes, alkenes and alkynes. 


16. Complete the following table. 


CT ee ae solids 
number of carbon 
atoms per molecule 


Write balanced equations using structural formulas for the organic compounds for each of the following 
reactions. (The names for the products will be covered later in this unit.) 










17. ethane and chlorine ———>~ 


18. 2-butene and hydrogen bromide ————> 


‘19. propyne and excess iodine —————» 


20. combustion of hexane 


21. + —_—____» CH,CH,CH,OH 
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Bonding in Aromatics 


The parent molecule of aromatic compounds is benzene, C,H,. The six carbon atoms in benzene are arranged 
in a cyclic structure, with one hydrogen atom attached to each carbon atom. The structure can be represented by 
the following diagrams, with alternate single and double bonds between carbon atoms. (Kekule, the German 
architect turned chemist, who first popularized the use of structural formulas, proposed the following benzene 
ring structure in 1865.) 


] | 
C. 
of Se tom “ews H 
ari ior 
H~ Ww fh 4 \/ iH 
| | 
H C,H,, benzene H 


However, since evidence indicates that all bonds between the carbon atoms are equivalent (in length and 
strength) neither a single nor a double bond is present. The actual structure is a hybrid of the two structures 
shown above. The valence electrons are evenly distributed over the entire ring. The benzene structure is con- 
ventionally represented as 


or 





where the circle represents the evenly distributed electrons. It is understood that at each point in the hexagon 
there exists a carbon atom with one hydrogen atom bonded to it. 


Nomenclature of Aromatics 


A great variety of substituted benzenes are known with one or more of the hydrogen atoms of the ring substi- 
tuted by other atoms or groups. Until! later in this unit consideration is being limited to substituted benzene com- 
pounds where one or more hydrogen atoms has been replaced by only one or more alkyl groups. (Alkyl groups 
correspond to the alkane hydrocarbons, but have one hydrogen atom less; e.g., CH, - is a methyl group.) 


Monosubstituted Alkyil-Benzene Compounds 


According to the |UPAC system, the alkyl monosubstituted benzene compounds are named as alkylbenzenes 
(IUPAC Section 12.2), although in some instances the trivial name may be used (IUPAC Section 12.1). The 
formulas and names for’several alkyl monosubstituted benzene compounds are shown below. 


CH, 
methylbenzene ethylbenzene propylbenzene 
(toluene) 


Note that it does not matter which carbon atom the group is attached to because all of the carbon atoms in 
benzene are equivalent. Note that a 1- does not appear before the name. 
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In those compounds in which the alkyl substituent is attached to the benzene ring by other than an ong ce rReke 
it is more convenient to consider the benzene ring as a branch. In this case, the benzene ring with one hydrogen 
atom less (i.e., C,H,-) is called a phenyl group. The following examples illustrate this point. 


CH, - CH=CH. CH, - CH, BOL - CH, - CH, - CH, 
| 
a 
\ 
2-phenylpropane 3-phenylhexane 


Disubstituted Alkyl-Benzene Compounds 


When two hydrogen atoms of benzene are replaced, the replacing groups can be arranged so as to give three 
isomers. Such disubstituted benzene compounds are named by assigning lowest numbers to the group positions 
or by the names ortho, symbolized o (groups on adjacent carbons), meta, symbolized m (one carbon between 
groups), and para, symbolized p(two carbons between groups (IUPAC Section 12.3). Ortho replaces 1,2-, meta 
replaces 1,3-, and para replaces 1,4-. The lowest numbers possible are assigned in the same way for benzene 
compounds as for all other hydrocarbons (IUPAC Section 12.3). If identical lowest numbers can be assigned in 
several ways (i.€., 1-,2- or 2-,1-) then the alkyl to be assigned the lowest number is that alkyl cited first in the 
name, either alphabetically or by complexity (IUPAC Section 2.4). (In the examples below the alphabetical and 

= results. 
complexity order is the same and only one-numbered name ) oH, CH, -CH, 


CH, - CH, --CH, CH, - CH, - CH, 
AH, - CH, Gus 
—— 
T-Cu> - CH, | 
CH, - CH, 
1-ethyl-2-propylbenzene 1-ethyl-3-propylbenzene 1-ethyl-4-propylbenzene 
o-ethylpropylbenzene m-ethylpropylbenzene p-ethylpropylbenzene 


Polysubstituted Alkyl-Benzene Compounds 


When three or more hydrogen atoms of benzene are replaced, the carbon atoms in the ring are given the lowest 
numbers which indicate the positions of the substituting groups. Use the lowest numbers possible and then list 
the groups either alphabetically or by complexity. If the lowest numbers can be assigned several ways (i.e., 


S-,3-,1- or 3-,5-,1- or 1-,5-,3-) then the alkyl to be assigned the lowest number is that alkyl cited first in the name 
(IUPAC Section 2.4). 


CH. 
CH, - CH, - CHEN -SCH, - CH, CH,CH; CH, 


1-methyl-3-ethyl-5-propylbenzene (complexity) 


1,2-dimethyl-4-ethylbenzene (complexity) 
or 1-ethyl-3-methyl-5-propylbenzene ( alphabetical) 


4-ethyl-1,2-dimethylbenzene (alphabetical) 
but not: but not: 
S-methyl-3-ethyl-1-propylbenzene 
or 3-ethyl-5-methyl-1-propylbenzene 
(see last rule above) 


1-ethyl-3,4-dimethylbenzene 
(not the lowest numbers possible) 
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Draw structural formulas for the following alkyl-benzene compounds. 


1. oethylpropylbenzene 2. 1-methyl-3-propylbenzene 


3. toluene (A nonsystematic name 4. 2,2-dimethyl-3-phenylhexane 
retained by IUPAC (Section 12.1).) 


5. phenylethene 6. ethylbenzene 
(vinyl benzene or styrene) (phenylethane) 
7. 4-propyl-5-phenyloctane 8. 1-methyl-3,4-diethylbenzene 
or 4-phenyl-5-propyloctane (Explain why this name is incorrect.) 


9. Draw structural formulas for and name (in two ways) the three isomers of C,H, (CH,),. 
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AROMATICS 


Nomenclature of Aromatic Hydrocarbons 


The steps to be followed in naming disubstituted and polysubstituted alkyl-benzenes are as follows (See 
IUPAC Sections 12.3 and 2.4.) 


Step 1: Assign the lowest set of numbers possible to the alkyl substituted carbons. (The lowest set of numbers 
may be attainable in more than one way.) (1-,2-,5- is lower than 1-,3-,4-.) 


Step 2: Prefix the benzene name by listing the alkyl groups alphabetically or by complexity. 


Step 3: Prefix the alkyl substituents with the lowest set of numbers identifying the position of the alkyl substi- 
tuents. For identical sets of numbers choose the set of numbers which yields the lowest number to the 
first alkyl group listed in the name. (There is only one correct name, for the alphabetical listing of alky! 
substituents and only one correct name for the complexity listing of alkyl substituents. If the alphabetical 
and complexity listing is the same only one name in total is possible.) 


Name the following aromatic hydrocarbons. 


Um 


10. CH, - CH, - CH- CH, iat: CH, 


O] O 


c~t-U 


or eee ea ee 
i CH, - CH, - CH, 13, CH, 
O (Oo, ton 
CH, 
or es ee a 
14. CH, 15. CH, CH, - CH, - CH, 


i" 1@ 


Chie Ch Oa CH. «CH. 


© CH, 


16. eo C,H, We. CH, 
CH, 
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Physical Properties of Benzene 


Benzene is a liquid at room temperature, boiling at 80.1 °C. Like the aliphatics, benzene is nonpolar and hence 
insoluble in water. 


Chemical Properties of Benzene 


The cyclic structure of benzene is unusually stable and remains intact in most of its chemical reactions. The 
benzene ring reacts like an alkane. It does not usually take part in addition reactions but rather undergoes sub- 
stitution reactions. For example, the reaction between benzene and chlorine is 


2 Cl, ie CP tr HCl 
Cl 


Some Sources and Uses of Aromatics 


The principal source of aromatic compounds is coal tar. Coal tar is a black gummy material obtained when soft 
coal is destructively distilled (heated in the absence of air). Fractional distillation and chemical processing of coal 
tar yields a large variety of aromatic compounds which serve as starting materials for the synthesis of a multitude 
of products including low-lead gasoline, dyes, plastics, pesticides, explosives, preservatives, and drugs and 
medicines. Some examples of the many aromatic compounds are given in Table H3. 


Alberta’s Petrochemical Industry 





catalyst 1 | iit 
se = a + a : —e -C-C-C-C-C-C- eee 
7 ow NG loa OR ey Is | 
ethene benzene phenylethane phenylethene or polyvinylbenzene 
(ethylene) (ethylbenzene) vinylbenzene or polystyrene 
‘A t (styrene) (styrofoam) 
AlbertaGas Alberta Energy ¥ 
Ethylene near Company near Possible future developments in Alberta 
Red Deer Fort Saskatchewan 
perhaps 
Notes: 


1. The-CH=CH, substituent is called a viny/group (IUPAC Section 3.5). Many monomers (starting materials) 
for production of plastics contain the vinyl group. 

2. Ethylene and styrene are nonsystematic names which have been retained by IUPAC (Sections 3.1 and 
Van), 
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AROMATICS 
Table H3 


ome Common Aromati 


Aromatic Name Structural Formula Use 
2 


NH production of: 
dyes, 

perfumes, 
varnishes, 
medicines 



















aniline 
(aminobenzene) 














aspirin relief of pain 


(acetylsalicylic acid) 





central nervous system 
stimulant; decongestant 


benzedrine 
(2-methyl-1-phenylpropane 


benzocaine local anesthetic 










Dy Dr. 
(dichlorodiphenyl- 
trichloroethane) 


insecticide 





; naphthalene moth killer 
=O} 


Cl moth repellant 


Carcinogen (a compound that 


1,4-dichlorobenzene 
(paradichlorobenzene) 
may induce cancer) present 


benzopyrene (OYTO) 

(COYOTO) in cigarette smoke 
phenol germicides, 
(hydroxybenzene) {OH disinfectants 


TNT 
explosive 


(2,4,6-trinitrotoluene) 
the compound that is 


> OHC © OH 
vanillin responsible for the 


vanilla flavor 
N, N-diethyl-m-toluamide 



















insect repellant 
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Why can the benzene ring not be described as having an alternating sequence of double and single bonds. 


The boiling point of benzene is 80.1 °C and that of cyclohexene is 83.0 °C. Why is it expected that the boiling 
point of cyclohexene should be slightly higher than that of benzene? 


In what way does the solubility behavior of benzene resemble that of the aliphatic hydrocarbons? 


Explain why benzene has chemical properties similar to alkanes rather than similar to alkenes. 


Write an equation to represent Step 1 of the reaction between benzene and bromine. 


Write three structural equations to represent Step 2 of the reaction between benzene and bromine. 


H5 ORGANIC CHEMISTRY H36 
REACTIONS OF CYCLOHEXANE, CYCLOHEXENE AND BENZENE — LAB H2 


Purpose: 


To investigate the effect of structure of hydrocarbons (saturated and unsaturated) upon their relative reactivity 
and upon the kind of reactions they undergo (substitution or addition). 


Part A: The reactions of bromine with cyclohexane, cyclohexene and benzene. 


Part B: The reactions of potassium permanganate with cyclohexane, cyclohexene and benzene. 


Materials: 


6 - 13 x 100 mm test tubes 

1 - test tube rack 

6 - stoppers or corks for test tubes 

1 - dropping bottle of cyclohexane 

1 - dropping bottle of cyclohexene 

1 - dropping bottle of benzene 

1 - dropping bottle of Br,-CCl, solution 

1 - dropping bottle of KMnO, solution 

3 - medicine droppers (if reagents are not provided in dropping bottles) 
1 - wash bottle containing distilled water 


Prelab Exercise: 


Write structural equations for the reactions of cyclohexane, cyclohexene and benzene with bromine. (Cyclo- 
hexane and cyclohexene undergo the same reactions as their corresponding straight chain aliphatics.) 


Part A: Reactions of Bro with Cyclohexane, Cyclohexene and Benzene 


Procedure: 


1. Into three separate labelled test tubes add 1 mL (20 drops) of cyclohexane, cyclohexene and benzene. 


en as oe drops of Br,-CCl, solution to each of the three hydrocarbons. Lightly stopper and shake the con- 
nts of each. (CCl, takes no active part in the reaction and serves only as the solvent for Br, .) 


Note and record in the data table the name of the hydrocarbon(s) which immediately decolorize(s) the bro- 


mine. (The disappearance of the characteristic reddish- ine indi i 
ace MLR rae sh-brown color of bromine indicates the bromine has 


H5 
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REACTIONS OF CYCLOHEXANE, CYCLOHEXENE AND BENZENE — LAB H2 


Place stoppers lightly into the test tubes and record color changes after ten minutes. (Proceed with Step 5 
and Part B while waiting.) 


Observe a demonstration set of test tubes containing the reaction mixture and placed under an ultraviolet 
(U.V.) lamp or some other strong light source. 


Observations: 


Color Change 
Hydrocarbon Immediately Color Change Color Change in 
After Adding After Ten Demonstration Under 
Minutes 


Cyclohexane 


-Cyclohexene 
Benzene 





Part B: Reactions of KMnO, with Cyclohexane, Cyclohexene and Benzene 


Procedure: 


Te 


Into three separate labelled test tubes add about 1 mL (20 drops) of cyclohexane, cyclohexene and 
benzene. 


Add 2 mL of the potassium permanganate, KMnO,, solution to each of the three test tubes containing the 
hydrocarbons. 


Place a stopper lightly in each test tube and shake each gently. 
After about one minute note and record, in the data table, any changes in color appearing in the test tubes. 
(The disappearance of the characteristic purple color of the permanganate solution indicates a chemical 


reaction has occurred.) 


Shake the test tubes every two minutes and record the color change again after about five minutes. 


Observations: 






Color Change After 
Cyclohexane 


Color Change After 
Five Minutes 






Benzene 
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REACTIONS OF CYCLOHEXANE, CYCLOHEXENE AND BENZENE — LAB H2 


Questions: 

Part A: 

Of the hydrocarbons considered, 
qm twhichireacts most readily With BC, 75) seem ee 
De which reacts slowly with Br, ? ———————— 
3. Arrange in order from most reactive to least reactive. ___—————————————— 

ee a es ne 
Which of the hydrocarbons react with bromine by 


4. substiution? | | —_ __ —eeeeeCOOs eeee 


5. addition? 


a eS SS 





6. What test can be used to differentiate between an addition and a substitution reaction? Explain. 


Compare saturated and unsaturated aliphatics with respect to 


7. their reactivity 


8. the kind of reaction they tend to undergo (substitution or addition). 


Part B: 


9. What can be concluded about the relative reactivity of cyclohexane, cyclohexene and benzene with 
potassium permanganate? 


10. How do the results relating to reactivity observed in Part A compare with those observed in Part B? 


(Optional). If one of the hydrocarbons appeared not to react either with Br, and KMnO, in this experiment, 


does this necessarily indicate that the particular hydrocarbon will not react with these reagents under other 
conditions? Explain. 


Some cycloalkanes undergo addition reactions. Did cyclohexane undergo an addition reaction? Explain. 


13. Would hexane react as readily as cyclohexane? 
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HYDROCARBON DERIVATIVES 


Description of Hydrocarbon Derivatives 


Numerous organic compounds are considered derivatives of hydrocarbons; i.e., derived from hydrocarbons, 
in the sense that a functional group appears in the compound in place of one or more hydrogen atoms. Functional 
groups usually contain elements other than carbon and hydrogen. The most common other element is oxygen and 
comparatively less common are the hologens, nitrogen and sulfur. 


When hydrocarbon derivatives react, only the functional group is usually changed. For this reason, if the 
behaviour of a functional group is known, the products of its reaction can be predicted. For example, 1-propanol 
and hydrogen chloride react to give 1-chloropropane and water. 


CH, - CH, - CH, - OH + HCl ———- CH, - CH, - CH, -Cl = H,O 
functional new functional 
group group 


In the preceding reaction, the alkyl portion of each molecule remained unchanged and only the functional groups 
changed. Keeping in mind the functional group idea, the following general equation can be written for this 
reaction. 


R-OH 1 Ce ite Gl a H,O 


The hydrocarbon derivatives that will be considered in this unit include organic halides, alcohols, carboxylic 


acids and esters. 
ORGANIC (ALKYL) HALIDES 


Bonding in Organic Halides 


When one or more hydrogen atoms of a hydrocarbon are replaced with halogen atoms, the resulting compound 
is called an organic (or alkyl halide. The functional group in an organic halide is a monoatomic halogen. 
Nomenclature of Organic Halides 

Organic halides are named by adding the prefix fluoro, chloro, bromoor iodo to the name of the parent hydro- 


carbon. The number of added halide atoms is indicated by an appropriate prefix. Note the following rules and 
examples. 


Step 1: Determine the longest carbon chain for the root word of the name. 





‘Step 2: List the substituents as prefixes in alphabetical order. (The halogens are assumed to have the same 
complexity.) 





Step 3: Use the lowest set of numbers to indicate the positions of the substituents. (For identical sets of num- 
bers choose the set of numbers which yields the lowest number to the first substituent listed in the 


name.) 
CHCl, \ F 
trichloromethane 6 = i 
(chloroform) Vf x 
E F 
tetrafluoroethene 
(Teflon monomer) 
| 
ais 
Cl Br 
Cl 
1-bromo-2-chlorothane 1,3-dichlorobenzene 
{alphabetical order with or m-dichlorobenzene 


lowest number first) 
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ORGANIC HALIDES 
Some Organic Halides and Their Uses 


Complete the following table. Table H4 
Organic Halides and Their Uses 


H8 (Optional) 






Name 
(Common Name in Structural Typical Uses 
Brackets) Formula 





aes Faas oi 
2. 
(iodoform) 


3.  1,2-dichloropropane 


4, 
(a freon) 
6. 2-bromo-2-chloro-1,1, 
1-trifluoroethane 








antiseptic 





oil and fat solvent, in dry 
cleaning fluids, degreaser 






refrigerant fluid; propellant for 
nonfood aerosol products 









dry-cleaning solvent 


general inhalation 
anaesthetic 






1 ,4-dichlorobenzene 
or p-dichlorobenzene 


component of common moth 
repellant 









solvent and insecticide 





tetrachloroethene 
(perchloroethylene) 


solvent 


a monomer used to produce PVC 


(viny! chloride) 
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Physical Properties of Organic Halides 

The common organic halides are liquids under ordinary conditions. However, those organic halides that are 
methane derivatives, such as trichloromethane (chloroform), CHCl,, are quite volatile. Among the organic 
halides, the iodides have the highest boiling points, followed by the bromides, chlorides and fluorides in that 
order. This is explainable in terms of London dispersion forces associated with the respective halogen atoms. 


The organic halides are generally insoluble in water, but soluble in nonpolar solvents. Even the polar organic 
halides have low solubility in water because of their only-slight polarity. 
Preparation and Chemical Properties of Organic Halides 


In the following general equations, X represents a halogen atom and Y represents either a hydrogen atom or a 
halogen atom. 


Organic halides may be prepared by: 


1. a substitution reaction of a halogen with alkanes and aromatics. 
R-H 7 Xr AX + HX 


2. An addition reaction of a halogen or hydrogen halide with alkenes and alkynes. 


Oo 

I 

o) 

+ 

x< 

= 
=O < 

' 
<-—O— 


A particularly important use of organic halides is in the synthesis of a large variety of organic compounds. The 
versatility of the halides in such synthesis is due to the ease with which the halogen atom is replaced by other 
functional groups. 

R-X + OHMS, AR-OH + x" 


Polymerization of unsaturated organic halides produces a number of very important products such as poly- 
vinylchloride (PVC) plastic and teflon. 


Alberta’s Petrochemical Industry 


\ / lel ‘se ed eel eelamle ol el 
Cea G +  Cl,——> -C-C-——~» = fh Oo RA ACen lel ean dh echind 
“i . Lab / lel Biehoth lice 
Cl Cl Cl Cl Cl Cl 
ethene 1 ,2-dichloroethane chloroethene polyvinylchloride 
(Alberta Gas Ethylene (vinyl chloride) | (Diamond Shamrock-Alberta Gas 
near Red Deer) (Dow Chemical near Fort Saskatchewan) near Fort Saskatchewan) 


A detailed description of the above reactions is given in the ALCHEM elective Ethylene and its Derivatives. 
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Complete the following table. 














Boiling 
Point 
(°C) 


|UPAC Name 
(common name 
in brackets) 




















Structural Formula Typical Uses 


production of methanol 


(methyl chloride) 





solvent used in paint 
remover 


dichloromethane 
(methylene chloride) 










solvent, general anaesthetic 







tetrachloromethane 
(carbon tetrachloride) 


solvent 


solvent used in 
drycleaning 










water repellent used 
in Scotchgard 










1,1-dichloro-1 ,2,2,2- 
tetrafluoroethane 
(freon 114) 





refrigerant 


moth repellant 






Oe 1,2,3,4,5,6-hexachloro- 


agri 
cyclohexane gricultural 


insecticide 
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Refer to the preceding table to answer Questions 11 and 12. 


11. Account for the trend in boiling points among the chlorine derivatives of methane. 


12. Use the boiling points of dichloromethane and diiodomethane to predict the boiling point of dibromo- 
methane. 


13. Write the balanced equation for the production of dichloromethane from methane and chlorine. Is this an 
addition or a substitution reaction? 


14. Write the balanced equation for the production of 1 ,1,2-trichloroethane from ethene and chlorine. Is this an 
addition or substitution reaction? 


15. Which of the compounds, bromomethane, chloromethane, fluoromethane or iodomethane, would be 
expected to be most soluble in water? Which would be expected to be least soluble? Explain. 
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Bonding in Alcohols 


Alcohols are compounds that have an OH or hydroxy! functional group bonded to a carbon atom or alkyl chain. 
Their general formula can be represented as ROH, where R is an alkyl group. Unlike inorganic hydroxides 
(NaOH, KOH), alcohols are nonionic and do not produce OH” ions in aqueous solution. Generally, only single 
bonds are present in simple alcohols, thus most alcohols are saturated compounds. All bonds in an alcohol are 
covalent, but the O-H bond is polar and the shorter chain alcohols involve hydrogen bonding among its 


molecules. 


Nomenclature of Alcohols 


The IUPAC names of alcohols may be obtained by employing the following steps. 

Step 1: Drop the final e from the hydrocarbon name and add the suffix o/. (The suffixes dio/ and trio/ indicate 
two and three OH substituents, respectively. The final e of the hydrocarbon name is retained.) 

Step 2: List any other substituents as prefixes in alphabetical order or by complexity. 


Step 3: Use the lowest set of numbers possible to indicate the positions of the substituents. The position of the 
OH functional group is given preference and must have the lowest number possible. 


CH,CHCH, CH, 
CH,CH,CH,OH OH CH, - CH-CH,OH 
1-propanol 2-propanol 2-methyl-1-propanol 


(rubbing alcohol) 


CH,-OH ~ 
oe H, - OH CH -OH 
Chg CH, - OH CH, -OH 


2-methylcyclohexanol 1 ,2-ethanediol 1 ,2,3-propanetriol 
(ethylene glycol) (glycerin or glycerol) 
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ALCOHOLS 


Nomenclature and Uses of Some Common Alcohols 


Complete the following table. 


Table H5 
Common Alcohols 


gas line and windshield washer 


17 antifreeze; solvent for varnishes 
(methyl alcohol or and shellacs; denaturant for 
wood alcohol) ethanol 





alcoholic beverages; in pharma- 
ceutical industry as solvent and 

medicinal ingredients; in industry 
as solvent and antifreeze 










(ethyl alcohol or 
grain alcohol) 


| mene eon 


4. 1-butanol PeRaie Dua, (atonon sce solvent; hydraulic fluid 


r 
5. CH Co. aly Obs solvent 







rubbing alcohol; solvent 






















































6. germicide; ingredients of some 
plastics 
(carbolic acid) 
if. 1 ,2-ethanediol permanent radiator antifreeze 
(ethylene glycol) 
making synthetic resins for 
paints; manufacture of cellophane: 
8. cosmetics and toilet soap; pharma- 
(glycerin or ceutical ingredient; making of 
(glycerol) nitroglycerin explosives; in 
foods and beverages 
9. | 2,2,2-trichioro-1 ,1- a sedative (note similarity 
ethanediol to chloroform) 
(chloral hydrate) 
10. | pentachlorophenol a fungicide 






(PCP) 
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ALCOHOLS 


Nomenclature of Alcohols 


An alternate method of naming alcohols is to name the OH functional group as a substituent. In these cases the 
OH substituent is called a hydroxy group. Complete the following questions by calling the OH group a hydroxy 


group. 


Example: 
11.  1-hydroxy-2-propylbenzene Ze 
Cl 
O Bis HO O Cl 
OH HO Cl 
OH 





1-ethyl-2-hydroxybenzene 


13. Draw structural formulas for and name eight alcohol isomers of C;H, , OH. 


H8 ORGANIC CHEMISTRY H4) 
ALCOHOLS 


Physical Properties of Alcohols 


The physical properties of alcohols significantly differ from those of hydrocarbons or organic halides. This 
difference is due primarily to hydrogen bonding among alcohol molecules. As a result, the melting and boiling 
points of alcohols are much higher than the melting and boiling points of the corresponding alkanes or organ © 
nalides. For example, the boiling point of methanol is 64.5°C, that for methane is -161 °C and that for mono- 
chloromethane is -23.7 °C. 


Because alcohols involve hydrogen bonds, they are more soluble in water than the corresponding hydro- 
carbons or organic halides. The lower alcohols are completely miscible with water. In these compounds the 
hydroxyl group comprises an appreciable portion of the molecule. Attraction between the water and alcohol 
dipoles is significant. As the number of carbon atoms in the alcohol molecule increases, the water solubility 
decreases because the alcohol is becoming more like a hydrocarbon and less like water. For example, 1-hexanol 
is only slightly soluble in water but highly soluble in hexane. 


Chemical Properties of Alcohols 


Alcohols exhibit wide versatility in their ability to react with other species. As a result the reactions of alcohols 
are extensive and varied. For present purposes, the discussion is being limited to two kinds of reactions— 
combustion and esterification. 


Alcohols, like most hydrocarbons, readily burn. (Alcohol lamps were common before being replaced by 
electricity because alcohols burn with a clean bright flame.) The following reaction illustrates the burning (com- 
bustion of alcohols. 


SON HM 802(g) =— 2005 (4) Vienne O(o) 


Ethanol, present in alcoholic beverages, is burned in the body by what is usually called oxidation. The reaction 
rate for oxidation is slow compared to combustion. 


Esterification reactions will be discussed in the section on organic acids. 


Alberta’s Petrochemical Industry 


ns Cl | OH" yoy l 
Gi= of sas Es A (0 — —_—_<_<_<_ —— 6 + fonbslig 
/ \ H,O bool H,O 1G | 
Cl OH OH OH 
ethene 2-chloroethanol ethene oxide 1,2-ethanediol 
(ethylene) (1-chloro-2-hydroxyethane) (ethylene oxide) (ethylene glycol) 


Dow Chemical at Fort Saskatchewan has a cheap supply of chlorine and sodium hydroxide from its chlor-alkali 
(electrolysis of aqueous sodium chloride) plant. With an abundant supply of ethene from Red Deer, Dow has 
expanded its existing ethylene oxide-ethylene glycol plant. Dow also produces a series of alcohols, called 
ethanolamines, for the removal of H,S from natural gas. (See ALCHEM elective Ethylene and its Derivatives.) 


2CH, (g) 4 3H O(g) ——__P CO, (g) a CO(g) ir 3H> (g) 
CO(g) + 2H) (g) cates te CH, OH( 1) 


Alberta Gas Chemicals in Medicine Hat produces methanol in large quantities from natural gas by the reactions 
listed above. A good portion of the methanol produced in Medicine Hat is consumed by Celanese Canada in 
Edmonton (see ALCHEM elective Alberta Chemical Industries). 


wood (poplar) ————> CH, OH( 1) 


Alberta’s abundant supply of low grade trees such as poplar and aspen may undergo destructive distillation in 
the future to produce wood alcohol (methanol). The methanol produced could be used as a fuel to burn in 
“furnaces or to be mixed with gasoline for automobiles. (Proposals have been made to Alberta Government 
bodies.) 
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ALCOHOLS 
Properties and Preparation of Methanol 


Methanol (methyl alcohol, methyl hydrate or wood alcohol) is the simplest alcohol. This alcohol used to (and 
may in the future) be obtained from the destructive distillation of wood during the preparation of charcoal, hence 
the name wood alcohol. Presently, methanol is usually synthesized by the reaction between carbon monoxide 
and hydrogen in the presence of appropriate catalysts. (The carbon monoxide and hydrogen are obtained from 
the steam reduction of natural gas.) ; 


catalyst 
CO(g) + 2H5(g) ———_ CH, OF(/) 


Methanol is highly toxic. If taken internally in small quantities, it causes blindness by destroying the cells of the 
optic nerve; large quantities may cause death. (Ironically, Imperial Chemical Industries in England has plans to 
build a plant to use bacteria to convert methanol into protein for animal food.) Methanol is often used also as a 
media for organic reactions, as a solvent for varnishes and shellacs, and as a gas line antifreeze, duplicating fluid 
and for denaturing ethanol. 


Properties and Preparation of Ethanol 


Ethanol (ethyl alcohol or grain alcohol) is the second member of the alcohol series. It is the essential ingredient 
in alcoholic beverages. Although ethanol has relatively low toxicity, its excessive use can cause various harmful 
side-effects such as cirrhosis of the liver. The ethanol that is designated for beverage use is carefully controlled 
and heavily taxed. Industrially used ethanol is generally tax free but is denatured to prevent its use as a beverage. 
Denaturing is done by the addition of some agent that is disagreeable and probably poisonous such as methanol, 
benzene or pyridine. 


Ethanol destined for beverage use is produced by the yeast fermentation of solutions containing simple sugars 
or other carbohydrates. The reaction involved in the fermentation of glucose is: 


east 
Cano vac y 2C,HeOH(aq) + ~~ 2CO2(aq) 


glucose (g) 


Ethanol destined for industrial uses is generally prepared by hydrating ethene. This method involves the following 
reaction. 

Gi, 2a, 2 ye. EE eho 
The product from this reaction yields the fairly pure ethanol (96% ethanol and 4% water) that is required for 
reagent purposes. For some applications the ethanol can be further purified to 100 % (absolute ethanol). 


Alcohol beverages produced by the fermentation process consists of two types—undistilled and distilled. The 
main undistilled beverages are beer, wine and champagne, whereas the distilled beverages include whiskey, gin, 


rer brandy (40% ethanol by volume). Undistilled beverages have a much lower alcohol content than the 
istilled. 


The fermentation of malted (germinated) grain is used to produce beer. Hops, the dried cones of a special vine 
is added to beer to give it a bitter taste. The alcoholic content of beer is usually from 3 to 5%. (It might be noted 


that an alcoholic content of 5 % corresponds to a proof value of 10; the proof being double the alcoholic percen- 
tage by volume.) 


Wine and champagne are produced by the fermentation of grape juice, although other wines can be prepared 
from other fruit juices. The natural wines produced by the fermentation process alone have an alcoholic content 
no higher than 15% since fermentation stops when the ethanol concentration reaches that level. Some wines 
(fortified wines) contain added alcohol and may have an alcoholic content as high as 20%. Champagne wine is 
bottled so that it retains natural carbon dioxide, although some cheaper champagnes are artificially carbonated. 


Alberta Chemical Industries 


There are three Alberta distilleries and six Alberta breweries which produce beverage products containing 


ethanol. These companies are located in Cal i i i 
ha gary, Edmonton, High River, Lethbrid 
Distillers in Calgary produces an industrial grade of ethanol. ; ne SOSA 2 


H8 
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ALCOHOLS 


Nomenclature and Properties of Alcohols 


Complete the following table. 















Melting Boiling Solubility 
ue Point in H,O 
IUPAC Name Structural Formula (g/100 ; H,O) 


aeres 
1-propanol 


eae 
mecca it 
Ponebinierish tH 
































Refer to the above table in answering Questions 9 through 11. 


oS; 


Os 


ae 


Account for the trend in melting points and boiling points of the primary alcohols from methanol to 
1-hexanol. 


Account for the trend in solubility of the primary alcohols in water from methanol to 1-hexanol. 


Estimate the melting point, boiling point and solubility of 1-heptanol. 
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H8,H10 
CARBOXYLIC ACIDS 
Bonding of Carboxylic Acids 


Organic acids, known as carboxylic acids, are characterized by the functional group called a carboxy! group. 
The carboxyl group (COOH) consists of a carbony/ group with a hydroxy! group attached to the carbon atom. 


carbonyl ~ AGS i! | 
group Baan or , CO 1120Hy 
carboxyl ae 
group hydroxyl ___gs fOH! carbony| hydroxy! 
group igs group group 


carboxyl group 


The carboxyl group is covalently bonded to hydrogen in the simplest acid and to a hydrocarbon chain for most of 
the other organic acids. 
Nomenclature of Carboxylic Acids 


Carboxylic acids are named in the IUPAC system by dropping the eand adding the suffix o/c to the name of the 
parent hydrocarbon (containing the same total number of carbon atoms). The resulting name is then followed by 
the word acid. Many carboxylic acids are naturally occurring and have common or trivial names that reflect their 
natural source. The IUPAC and common names are given in the examples in Table H6. Additional names are 
given in Table H7 in the section Sources and Uses of Some Common Organic Acids. 


Sources and Uses of Carboxylic Acids 


Complete the following table. 


Table H6 
Sources and Uses of Some Carboxylic Acids 


Name 
(Common Name in 
Brackets) Sources and Typical Uses 


responsible for sensation caused by 

nettle, bee and ant stings; used in 
methanoic acid medicine and food preservations: 

used commercially in the textile 
(formic acid) industry 


component of vinegar; usedasa 
solvent; salts of acid used as 
. mordant and in insecticides and 
(acetic acid) fungicides 


propanoic acid used as antifungal agents in the 
iil baking industry and ointments either 
(propionic acid) in salt or acid form 


pu employed as flavoring agent; odor- 


CH, - CH, - CH, -C Causing component of rancid butter 


ps 


(butyric acid) OH 


hexanoic acid employed as a flavoring agent; has 


; odor cha isti i 
| (caproic acid) sed racteristic of limberger 
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CARBOXYLIC ACIDS 
Sources and Uses of Some Common Carboxylic Acids 


Many carboxylic acids are present in various fruits and imparts to them the sour taste characteristic of acids. 
An important source of longer chain organic (fatty) acids are animal fats and vegetable oils. Table H7 following 
gives the source and use of some common organic acids. (Except for benzoic acid and 2-hydroxybenzoic acid 
the carboxylic acids extend the nomenclature of carboxylic acids beyond the ALCHEM course.) 


Table H7 
Sources and Uses of Some Common Carboxylic Acids 


Name 
(Common Name In 


Brackets) Structural Formula Sources and Typical Uses 


ethanedioic acid 
(oxalic acid) 


2-hydroxy-1 ,2,3- 
propanetricarboxylic 
acid 


(citric acid) 


benzoic acid or 
benzene carboxylic 
acid 


2-hydroxygenzoic acid 


(salicylic acid) 
2-acetoxybenzoic acid 


(acetylsalicylic 
acid, ASA) 


octadecenoic acid 


somewhat toxic material occurring 
free as calcium salts in spinach, 
swiss chard and rhubarb; used as a 
bleaching agent for wood and as a 
spot remover where iron(II) ion is 
involved; oxalic salts usedin 
medical laboratories to prevent 
coagulation of blood speciments 


most widely distributed plant acid; 
present in citrus fruits; used in 
soft drinks, sherbert and many 
other foods to provide a tart 
flavor; used as a blood anticoagu- 
lant; used in effervescing powders 
and tablets such as Alka Seltzer 


acid or salts used as a common food 
preservative, especially for soft 
drinks; benzoate esters used in 
several perfumes 


used as a food preservative and 
starting material for synthesis 
of dyes and medicinals 


used for relief of fever, pain and 
rheumatic conditions 


found in vegetable oils; sodium 
and potassium salts used in soaps; 
zinc salts used in face powders 


found in beef tallow; sodium and 
potassium salts used in soaps; 
zinc salts used in face powders 
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Physical Properties of Carboxylic Acids 


Carboxylic acids have higher melting and boiling points than hydrocarbons, organic halides or alcohols with the 
same number of carbon atoms. The acids containing one to ten carbon atoms are liquids at room temperature, 
the higher members are waxlike solids. The higher melting and boiling points of the organic acids are due mainly 
to strong hydrogen bonding. Carboxylic acids have even higher melting and boiling points than alcohols because 
of the special nature of the hydrogen bonding. In organic acids, there is hydrogen bonding to the oxygen of the 
carbony! group as well as the oxygen of the hydroxyl group. 


ee OFes eH tenures 
tno te Oa 


Organic acids containing one to four carbon atoms are completely soluble (miscible) with water. Those acids 
having six or more carbon atoms are almost insoluble in water. This reflects the interactions between the polar 
and nonpolar parts of the molecule in determining the properties of substances. The short-chain molecules have 
small nonpolar portions and are soluble in water. The long-chain molecules have large nonpolar portions and 
have very low solubility in water but good solubility in nonpolar solvents. 





—C 





Chemical Properties of Organic Acids 


Organic acids have properties like that of inorganic acids, except, in general, they are weaker acids. Like 
inorganic acids, they similarly affect indicators, react with active metals and carbonates, and are neutralized by 
bases. 


2RCOOH (aq) ry 2Na (s) —— = ZRCOON A(aq) + o(g) 
2RCOOH (aq) + Na,CO3(aqg) SOO 2RCOONA (aq) + HCO; (aq) 


RCOOH (aq) a NaOH (aq) > RCOONA€ (aq) + H,O( 1) 
The most common RCOO’ ion is called the acetate ion, CH,COO™. Other carboxylate ions found on the 
ALCHEM complex ion table are benzoate, oxalate and stearate ions. 


In addition, carboxylic acids react with alcohols, in a reaction comparable to neutralization, to form com- 
pounds called esters. The esterification reaction involved will be discussed in the section dealing with esters. 


Alberta Petrochemical Industries 


Celanese Canada Limited of Edmonton is the only Alberta producer of acetic acid. The acetic acid is produced 
by the catalyzed (with Co or Mn) reaction of butane with oxygen. The butane is obtained via pipeline from other 


Alberta companies which have extracted the butane from natural gas. The oxygen is obtained from Celanese’s 
own liquid air plant. 


Co or 
CaHio( tt O2(g) Mn > CHsCOOH()) + HCOOH(;) + C,HsOH(;) + CH3OH(;) 


(mole percents) (72 %) (7.4%) (1.4%) (1.1%) 


About five percent of the acetic acid produced by Celanese is used to produce vinegar (i.e., by Western Vin- 
egars in Edmonton). (By law vinegar is about five percent acetic acid.) The majority of the Beet acid is used to 
produce cellulose triacetate for cigarette filters for all of Canada (i.e., Celanese is the only producer of cellulose 
trlacetate in Canada). Celanese’s most recent plant (1979) reacts ethylene (from Alberta Gas Ethylene near Red 
Deer) with acetic acid and oxygen to Produce vinyl acetate monomer (CH, CHOOCCH, ). Future developments 


could see the construction of a polyvinyl acetate plant in Alberta (iF iled i i 
| ! . (FOr more detailed information see 
electives— Alberta Chemical Industries and Ethylene and its Derivatives.) ‘loapiai 
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1. The boiling point of acetic acid is 118.5 °C and that of 1-propanol is 97.1 °C. Account for this difference in 
boiling point between acetic acid (with 32 electrons) and 1-propanol (with 34 electrons). 


2. Discuss the solubility of carboxylic acids in water and in organic solvents. 


Which are the most likely physical properties of the carboxylic acid, C,H, , COOH? (Compare to acetic acid 
above.) 
3. solid, liquid or gas? 


4. boiling point: 95°C, 205°C or 300°C 


5. highly soluble in water, slightly soluble in water or insoluble in water? 


Write equations for reactions between the following substances and name the products. 


(Use structural formulas for the organic substances.) 


6. magnesium metal and ethanoic acid 


7. benzoic acid and a solution of sodium hydroxide. 


8. potassium carbonate and oxalic acid (ethanedioic acid). 


H54 
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Esters 
Esters are best studied by considering the esterification reaction first. Esters are derivatives of the reaction 


between carboxylic acids and alcohols. 


Esterification Reaction 


acid 
carboxylic acid + alcohol alae 3 ester + water 
0 N 5 
nee —OR Wa Rene waka : piela. 
aa re od 
~~ (R and R’ represent alkyl groups.) 
O 
Example: Tl 
O 
Y i ocH, ——» CH3—c—o-—CH3 , HOH 
Elm key c* 





The fact that the OH group comes from the acid rather than the alcohol has been proven by radioactive tracing 
using an '3 O isotope. 


Nomenclature of Esters 


A general formula for esters is O 


II r , 
R—C—O—R- or RCOOR 


where the RCO part is derived from the acid and O-R is the alkyl part derived from the alcohol. In the naming 
of an ester, the alkyl (alcohol) name is given first, followed by the name of the acid part. In the IUPAC system, 
when naming the acid part, drop the ending ic and replace it with ate. Consider the following examples. (Note 
that the nomenclature system contradicts the actual origin of the O of the OR group.) 


O 
Examples: YA 


CH3z— C¢C 
penne 


For naming purposes, the 
part considered derived 
from the organic acid, 
named ethanoate 


Full name of ester: methyl ethanoate 


alkyl part of alcohol, 
named methyl 


O O 
CH, - CH, -C% Sesh 
O-CH, -CH, CH Cho 
ethyl propanoate ethyl methanoate 
CH,CH,CH, COOCH,CH, CH, C,H; COOC, H, 
propyl! butanoate 


butyl propanoate 
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ESTERS 


Sources and Uses of Some Common Esters 


Esters are a common occurrence in nature and are abundant in animal fats and vegetable oils. (See the 
ALCHEM elective Foods and their Analogs.) Unlike the acids involved in their formation, simple esters usually 
have pleasant odors and constitute the odors and flavors of fruits. Table H8 gives some examples of esters. 


Complete Table H8. 


Table H8 
Sources and Uses of Some Common Esters 









Name 
(Common Name is Given 
in Brackets) 





















Structural Formula Sources and Typical Uses 









ethyl methanoate 
(ethyl formate) 





rum flavor and odor 






fingernail polish 
remover, solvent 





(ethyl acetate) 





pentyl propanoate 
(pentyl propionate) 










apricot flavor and odor 


used in artificial peach, 
pineapple and apricot 
flavors 










(ethyl butyrate) 






octyl ethanoate 
(octyl acetate) 









orange flavor and odor 


pear flavor and odor 


cherry flavor and odor 


strawberry flavor and odor 
raspberry flavor and odor 


CH, - COO - CH - CH, - CH, - CH,} banana flavor and odor 









(n-amyl acetate) 






2-methylpropyl methanoate 
(isobutyl formate) 






(isoamyl acetate) 
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Esters and Esterification 


Write a structural equation to represent a reaction between each of the following. Name the ester product in each 
case. (An acid catalyst is employed for each reaction.) 


1. propanoic acid and 1-butanol 


2. butanoic acid and 1-hexanol 


3. pentanoic acid and 1-octanol 


4. benzoic acid and methanol 


(Optional) 


5. methanoic acid and 2-methyl-1-propanol 


6. benzoic acid and 2-butanol 


H9 ORGANIC CHEMISTRY H57 
ESTERIFICATION — LAB H3 


Purpose: 


To prepare some common esters and to note their characteristic odor. 


Materials: 


4-18x 150 mm test tubes 

1 - #1 one-hole rubber stopper 

1 - 50 cm length of 6 mm glass tubing 
1 - dropper bottle of 1-pentanol 

1 - 250 mL beaker 
1 - utility clamp 

1 - ring stand 

1 - ring 

1 - wire guaze 

1 - bunsen burner 
1 

1 

{ 

1 

1 

1 


- striker 
- dropper bottle of concentrated H,SO, 
- dropper bottle of methanol 
- dropper bottle of ethanol 
- dropper bottle of 1-butanol 
- dropper bottle of glacial ethanoic acid (glacial 
acetic acid) 
1 - bottle of salicylic acid 
1 - dropper bottle of 2-butanol (optional) 
1 - dropper bottle of 2-pentanol (optional) 
1 - dropper bottle of 3-pentanoi (optional) Figure K2 





Prelab Exercise: 


Write equations using structural formulas for the four nonoptional esterification reactions for this lab. (See the 
procedure for the reactions used.) 


H9 


ORGANIC CHEMISTRY H58 
ESTERIFICATION — LAB H3 


Procedure: 


Caution: This procedure uses concentrated acids. Be prepared to immediately wash skin exposed to any solution 


Note: 


il. 


10. 


in this lab. 
If the laboratory period is short each of four adjacent groups should do a different esterification. 


Set up a 250 mL beaker on a ring stand using a ring and a wire guaze. Fill the beaker with water to about the 
two-thirds level. The beaker of water will serve as a water bath. (See Figure K2.) 


Use a utility clamp to support a 18 x 150 mm test tube. Lower the test tube into the water bath. (See Figure 
K2.) 


Check the odor of salicylic acid (2-hydroxybenzoic acid) and methanol. 


Precaution: Use your hand to waft the odor towards your nose. Do not smell directly. 


Place about 2 mL of salicylic acid into the supported test tube (to a depth of about 1 cm or fingernail width). 


Add about 2 mL of methanol to the salicylic acid in the test tube (to an additional depth of about 1 cm or 1 
fingernail width). 


Add about 10 drops of concentrated sulfuric acid catalyst to the mixture in the test tube. Caution. 


Check to see that the glass tubing through the stopper is not plugged. Insert the stopper and glass tubing 
into the test tube. (See Figure K2.) 


( The glass tubing serves as a reflux condenser which condenses volatile components and returns them into 
the test tube.) 


Heat the water bath until the reaction mixture starts to bubble slowly. Continue moderate boiling for about 
5 min. 


Allow the reaction mixture to cool for several minutes. Remove the condenser and check the odor of the 
ester formed in the test tube (odor of wintergreen). 


Repeat procedure Steps 1 through 9 for each of the following combinations of glacial (concentrated) 
ethanoic (acetic) acid with an alcohol. (If the laboratory period is short share results with other groups.) 


a. glacial ethanoic (acetic) acid and ethanol (odor of sweet fruit; used in some brands of nail polish 
remover) 


b. glacial ethanoic (acetic) acid and 1-butanol (odor of raspberries) 
c. glacial ethanoic (acetic) acid and 1-pentanol (odor of pears) 
d. (optional) glacial ethanoic (acetic) acid and 2-butanol (odor of strawberries) 


e. (optional) glacial ethanoic (acetic) acid and 2- or 3-pentanol (odor of bananas) 


Questions: (Optional) 


Write structural equations for the optional esterifications. Name the esters produced. 


Oo 
ive) 
=z 
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Write equations using structural formulas for each of the following reactions. Name all organic reactants and 
products. 


he: H H 


Cl 
+ Cl, ———__»> 


oF ie 
er 1h NaOH 
Cl 
4 O 
G 
Chesser > OHM + CHaa- CHa = oS Ta 
OH 


Bmp BHO =8C- CH, & 21, 


(2 moles) > 


6. 
+) HOH 
7. Account for the variation in boiling point among the following two-carbon molecules. 
Compound Boiling Point ( °C) 
ethane -88.6 
monochloroethane 12.2 
ethanol Ono 


ethanoic acid 117.9 
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OVERVIEW 


Draw Lewis electron dot and structural formulas for each of the following molecules. Predict the order of their 
boiling points from highest to lowest. 


aa ng 2. C,H, 


3. CH,OH ACH, 


Write an equation using structural formulas for each of the following chemical reactions. Name all organic 
products. 


5. propene +  hydrogen——————3> 


6. cyclohexane + chlorine ———> 


7. benzene + iodine ————_—_ > 


(1 mol) (1 mol) 


8. ethanol +  butanoic acid ————> 


9. benzoic acid + potassium hydroxide ————p> 


10. 2-pentene + bromine ————>> 


11. ethene + water ————>> 


12. chloroethane + sodium hydroxide-————p> 


H64 
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Optional 


Each year a new edition of the CRC Handbook of Chemistry and Physics is printed with small changes from the 


iti -thi - lar price.) The exercise below emphasiz- 
revious year. (Two year old editions are sold at one-third to one-half the regu 
e the ene available in the Handbook which relates to the content of the ALCHEM core eile cece Cama ae 
The information on the ALCHEM periodic table and data sheet was primarily obtained from the 


Chemistry and Physics. 


Use the CRC Handbook from the library or classroom to answer the following questions: (Put the page numbers in 


the bracket(s) provided.) 


Ron > 


oO oS on 


14. 
wae 


16. 
ie 


KS 
18). 
20. 
ie 


eee 
23. 


24. 


25, 
26. 


Pe 
28. 


29. 
30. 
Sil - 


32. 
33. 


The edition and the years of the Handbook is .................... 

Te MASXRCOVETSeMOAGCS! ary neta eenemenene (Ouran Seat ere ewe 

The element radium was discovered in the year .................... ( \y. 

The section of the IUPAC rules for inorganic compounds which rules on the indication of charge on atomic symbols 
CGUSIEIS Ek once. ate es ( Me 


sane melting: pointof-sodiumchlosidesis).. o0..26.86..0.5-... ( eat ye 

arlhe densityrof carbontetrachloridesiss ai.gtat oA. ts .asee.s ( Ie 

J MessOluDiity-of Sodium NYdrOxideis'.. 2.05 ssa 0se0.5 ene ee ( ), 

> Inetounuta for the oxo acid, thenic acid. 1S .e2.49.06.80096240 5. ( ))e 

. The IUPAC name for the NO; anion (given in the IUPAC list of names for ions and radicals»second last page of 


WWRAC rules: for inorganicxchemisthy).iSimigs. oo os eee ee. ( )). 


. Common names for sodium sulfate decahydrate are................ ONT 3. eos oe eee ( Ve 
. The chemical formula for the mineral, pyrites (fool’s gold), is .................... ( ye 
. The atomic mass, half life and mode of decay of the isotope 73°U are................ 5 gigas : 


and . ( ). 


. According to |UPAC, Rule 3.1, for organic compounds the nonsystematic names for alkenes that can be retained 


are re ee AUN. > Seer dey eas eee es ( 3 
The common name, molar mass and boiling point of the organic compound chloroethene are 
gear ECC eh eae ae hae, Be ee ( ye 
According to the formula index of organic compounds the substance with a formula of C,H,N_ is 
ae ( Ne 
The third most common element in sea wateris.................... ( i). 
The composition and manufacturer of the plastic Plexiglas are 
El gte Ue eae ene Ne 
The chemical resistance of the plastic polyethylene, tostrongacidsisratedas...............__ ( }). 
The heat of formation of crystalline iron(Ill) chloride is .................... ( 4. 
The heat of formation of C,H, 0, ethylene oxide, is................... ( iy 


eee ee RP ss omen j ( Me 
epi Ce SOR GMKS IS 5 a Mee ant ene Ao ( Ne 


Orange (IV) acid-base indicator has an approximate: pH range Of... s a) , a color change of 


hes eons Ree a ean IS Prepared. aS-aae.. 1. 0 ae percent solution in water. 
The standard reduction potential of the half reaction, 


CU(aq) ah LACUS thee Maile tai hgh, ( Ie 
The half reaction which has a standard reduction potential.o1.0-905 Vick. oe, (ee re 


The larger the dissociation constant of an acid the Stronger the acid is. The Stronger acid between iodic acid and 
PEFOUS ACIC 1S. PAM Sos oss Phen os Oe ( ) 


The specific heat of aluminum at 25°Cis.................... ( ) od Ms 
The freezing point depression ( A\ °C) of a 50% by mass aqueous solution of ethylene glycol is 
( ). 

The heat of combustion of methane at 25°C is................... ( ip 

The dipole moment for water is .......................... rit ( He 


Mee eee ee on ( ). 


In the definitions and formulas section the number of definitions provided for acid is 
The mass percent of sodium in the earth's crust is 


UNIT I 


Solutions 





Upon completion of Unit 1, Solutions, the student should be able to: 

11. define and use the terms concentrated, dilute, solute, solvent, saturated and aqueous 
12. do the basic moles, mass, concentration, solution volume conversions 

13. describe the procedure for preparing (and prepare) a solution of known concentration 
14. dilute a solution to give a solution of known concentration and to do dilution calculations 


5. define and use the terms electrolyte and nonelectrolyte and classify solutes as electrolytes and non- 
electrolytes 


I6. write dissociation equations 

17. do calculations involving the concentration of ionic species in solution 
18. define and use the term solubility in a qualitative and quantitative sense 
19. do calculations relating to the quantitative definition of solubility 

110. list the factors which affect solubility 


111. demonstrate proficiency in the laboratory technique of pipetting. 


(The objectives following refer to Unit | materials that are optional.) 


112. list or identify four types of single replacement reactions in solution and two types of double replacement 
reactions in solution. 


113. write net ionic equations for the above reactions in solution 
114. do stoichiometric calculations relating to reactions in solution using nonionic equations 
115. do stoichiometric calculations relating to reactions in solution using net ionic equations. 


Note: 


The objectives for this unit are coaed in the top left hand corner of each page. Refer back to these objectives 
when studying for the unit exam. 





i SOLUTIONS i 


Introduction 


A knowledge of the properties and uses of solutions is important in the study of chemistry. Many substances 
used in laboratories are much easier to store and to use in solution form. Many chemical reactions will take place 
only when the reactants are in solution. 


Solutions are homogenous mixtures—that is, solutions are uniform throughout on a molecular scale. The sub- 
stance in the solution with which the chemist is most concerned is called the solute and the carrier substance is 
called the so/vent. Most common solutions use water as the solvent in which case they are called aqueous 
solutions. 7 


The substances pictured below are bought as solutions. Many other substances are bought as solids and used 
in solution form. 





Rather than determine the mass of specific quantities of reactants for chemical reactions, it is more conve- 
nient to dissolve the chemicals to make solutions of known concentration. The chemicals may then be dispensed 
by measuring out specific volumes of solutiong 


The equipment below is used to measure liquid volumes to varying degrees of precision. 





11,12 SOLUTIONS |2 
CONCENTRATION OF SOLUTIONS 


Concentration of Solutions | | 

The concentration of a solution describes the amount of solute relative to the volume of solution. isa ag) 
high concentration is called concentrated, while a solution of low concentration is called di/ute. A solution may be 
diluted by increasing the amount of solvent in the solution. | 

In order to determine the amount of solute in a measured volume of solution, the concentration of the solution 
and the solution volume must also be known. Concentrations of solutions are commonly measured in terms of 
molar concentration. The molar concentration of a solution is defined as the number of moles of solute dissolved 
in a litre of solution. This definition is commonly expressed as a formula. 


’ n 
molar concentration —= amount of solute in moles oy C = ar 
solute ~ volume of solution in litres 


The units for molar concentration are mol/L. When the single word concentration is used in ALCHEM, assume that 
molar concentration is meant. 


Solution Problems 
The examples and problems which follow serve to illustrate the many applications of and the convenience of 
working with solutions. Only two formulas (with their variations) need be used to answer most solution problems: 


i.e., 
poe LLL Cee = 
n M and v 
Type 1: Calculating Concentration from Moles and Volume 
If 0.900 mol of table salt, NaCl, is dissolved to give 500 mL of a laboratory solution, what is the molar concen- 


tration of the solution? 


n 0.900 mol 
2. le oo ee = 1.80|m 
© V 0.500 L eS 


NaCl 
The molar concentration of the table salt solution is 1.80 mol/L 


Type 2: Calculating Concentration from Mass and Volume 


An antacid solution may be prepared by dissolving 15.0 g of sodium bicarbonate (baking soda) in sufficient 
water to make 250 mL of solution. Determine the molar concentration of the antacid solution 


m n 
ead Spans . gr 
NaHCO, 1 Nahe, « 
_. JSC | _ 0.179 mol 
84.0 g/mol ~~ 0roson 
= 0.179 mol = 0.716 mol/L 


The antacid solution is 0.716 mol/L 


Type 3: Calculating Moles from Volume and Concentration 
Potassium permanganate, KMn0O, , due to its oxidizing properties is an effective disinfectant. How many moles 


of KMnO, are in a 2.00 L of disinfectant solution that is 0.0025 mol/L KMnO, ? (Note: One should be aware of the 
other properties of KMnO, betore using it directly as a disinfectant.) ; 


i. CV 
KMnO, 


0.0025 mol/L x 2.00 L 
0.0050 mol 
The number of moles of KMnO, required is 0.0050 mol. 


Calculator Note: 
If using a calculator for a two step problem, round off the answer for the first step to the correct number of Sig- 


nificant digits. Re-enter the first-step answer into the 
calculator to do the second ste i 
the rounded off final answer should agree with the answer that the teacher has. Pot? te ae 
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SOLUTION PROBLEMS 


Concentration from Moles and Volume 


dis 


Copper(|!) sulfate, an important copper salt, is used in copper electroplating cells, and to kill algae in swim- 
ming pools and water reservoirs. 


What is the molar concentration of an electroplating solution in which 1.50 mol of copper(I!) sulfate are dis- 
solved in water to make 2.00 L of solution? 


What is the molar concentration of a solution in which 0.240 mol of washing soda, Na, CO, 10H, 0, is dis- 
solved in water to make 480 mL of a solution for softening wash water. 


lron(|l) sulfate finds use in fixing colors in dyeing and in making ink. 


What is the molar concentration of an ink solution that contains 0.210 mol of iron(II) sulfate dissolved to 
form 840 mL of solution? 


Remedial Problems 


4. 


Since a saturated solution of calcium chloride does not freeze until -55 °C, calcium chloride can be used to 
melt ice on roads and walks. 


What is the molar concentration of a saturated solution in which 35.5 mol of CaCl, is dissolved in water to 
make 5.00 L of solution? 


Sulfuric acid is an important laboratory reagent as well as a very important industrial chemical. One of its 
many industrial uses is an electrolyte in lead storage (car) batteries. 


Calculate the molar concentration of a battery acid solution which contains 9.25 mol of H,SO, dissolved to 
form 1.80 L of solution. 


l2 SOLUTIONS 
SOLUTION PROBLEMS 


Concentration from Mass and Volume 


1. Agiven sample of household ammonia contains 156 g of NH (g) dissolved in water to form 2.00 L of solution. 
What is the molar concentration of the household ammonia solution? 


2. When 11.0g of glacial (pure) acetic acid is dissolved in water to make 250 mL of vinegar solution, what is 
the molar concentration of the vinegar? 


3. What is the molar concentration of 500 mL of a solution that contains 12.7 g of swimming pool chlorinator, 
Ca(OCl),? 


Remedial Problems 


4. Asolution for waterproofing concrete may be prepared by dissolving 200 g of ammonium stearate in water 
to make 5.00 L of solution. Determine the molar concentration of the solution. 


5), rca battery terminal protective coating can be prepared by dissolving 240.0 g of sodium silicate (water 
glass) in water to make 250 mL of solution. What is the molar concentration of the solution? 


l2 SOLUTIONS I5 
Optional SOLUTION PROBLEMS 


Water Treatment 


Various treatment methods are applied to the raw water taken from the lakes and rivers in Canada before 
general distribution to consumers. Some of the treatment methods involve the addition of chemicals to the raw 
water. The exercise following involves the calculation of the molar concentration of the various chemicals at the 
time they are added. Show method of calculation. 





Chemical Mass in 
Formula One Litre Molar Concentration 


e.g| CaO BOC Midis = p28 minol 
56.1 g/mol POON 


1.78 mmol 1.78 mM or1.78x 1073 M 
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6.| H,SiF, 0.80 mg 


5.}| NaOCl 0.500 mg 
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SOLUTION PROBLEMS 


Moles from Volume and Concentration 


Sodium bicarbonate is used medicinally to counteract excess stomach acidity. 


How many moles of solid sodium bicarbonate would be needed to make 100 mL of a 0.660 mol/L solution 
suitabie tor use as an antacid? 


A useful tile and household cleaner is sodium phosphate. 


Find the number of moles of Na, PO, in 2.00 L of a 0.100 mol/L Na, PO, (aq) cleaning solution prepared 
for use at home. 


A rust stain remover may be prepared by dissolving potassium persulfate (K,SO,) in water. 


How many moles of potassium persulfate are there in 500 mL of a 0.242 mol/L solution suitable for 
removing rust stains? 


Remedial Problems 


4. 


Hydrochloric acid in addition to being an important laboratory reagent, finds considerable use in cleaning 
rust off iron and steel, in etching concrete before painting and in preparing articles for galvanizing, tinning 
or electroplating. 


Find the number of moles of hydrogen chloride in 75.0 mL of 0.100 mol/L hydrochloric acid cleaning 
solution. 


Common salt, NaCl, has numerous domestic and industrial uses. It i i 
t , . It also is the source from which man 
valuable sodium compounds such as NaOH, NaHCO,, Na,CO,, Na,SO, and NaClO are derived ‘ 


How many moles of NaCl are needed to prepare 500 mL of saturated (5.30 mol/L solution? 
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PREPARATION OF A SOLUTION — DEMO 1/1 


Purpose: 


1. To prepare 100.0 mL of a 0.0350 mol/L aqueous solution of K,Cr,O,. 
2. To demonstrate correct techniques for the preparation of a solution. 
Materials: 
- 100 mL volumetric flask 


- 150 mL beaker 
- funnel (short stem) 


a a So Ce care Y 
1 


Stirring rod 
- centigram balance 
- wash bottle 
- scoopula 
- distilled water Volumetric 
- K, Cr, O07 (g) flask 
1 - meniscus finder 
1 - eye dropper 
Predemo Information: 
In general the steps to be followed in preparing solutions are: 
1. Calculate the mass of solute required. 
2. Use a balance to obtain the required mass of solute. 
3. Dissolve the required mass of solute in less than the final volume of water. 
4. Transfer the solution to a volumetric flask. 
5. Bring the solution up to final volume. 
Note: These five steps are outlined in more detail below. 
Procedure: 
its Calculate the mass of solute required to prepare 100.0 mL of a 0.0350 mol/L aqueous solution of K,Cr,O, 


2.a. Obtain and record the mass of a clean, dry 150 mL beaker to 0.01 g. 

2.b. Set the balance to read the mass of the beaker plus the required mass of solute. 

2.c. Add K, Cr, 0, (s) to the beaker until the balance beam is level. (Use a tapping action on the scoopula to con- 
trol the addition of the K, Cr, 07 (g)-) 


3. Add about 75 mL of distilled water to the solute in the beaker. Stir to get the solute to dissolve more rapidly. 
(If the stirring rod is removed, use a wash bottle containing distilled water to rinse the solution from the stir- 
ring rod into the solution in the beaker.) 
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4.a. Put a clean short-stemmed funnel into a clean 100 mL volumetric flask. 


4b. Pour the solution from the beaker through the funnel into the volumetric flask. (When pouring, hold the 
stirring rod onto the lip of the beaker to avoid loss of some solution down the side of the beaker.) 


4c. Use the wash bottle to rinse any remaining solution from the beaker, stirring rod and funnel. Remove the 
funnel from the volumetric. (The solution should not have been increased in volume to the point where it 
was touching the stem of the funnel.) 


5.a. Use distilled water from the wash bottle to bring the solution volume up to just below the 100.0 mL line on 
the volumetric flask. 


5 b. Use an eye dropper, distilled water and meniscus finder to bring the bottom of the meniscus up to the 
400.0 mL line on the volumetric flask. (The dark line on the meniscus finder should be kept just barely below 
the meniscus in order to get a black meniscus against a white background.) 


5.c. Stopper the volumetric flask. Mix the solution thoroughly by inverting (not shaking) the volumetric flask 
several times. Leave the volumetric flask stoppered. 


Questions: 


1. Why was a volumetric flask used rather than a graduated beaker or graduated cylinder? 


2. Which of the following materials had to be dry when initially used in the preparation of the solution. List the 


following materials under the appropriate heading: K,Cr,O7, scoopula, 150 mL beaker, stirring rod, funnel 
volumetric flask and the volumetric flask stopper. 


Had to be dry: Could be wet: 


3. Why was it necessary to rinse the equipment in Step 3 and Step 4? 


4. Why was the final solution mixed? 


5. Why should the final solution be left stoppered? 
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SOLUTION PROBLEMS 


Type 4: Calculating Mass from Volume and Concentration 


What mass of washing soda, Na,CO,®10H,0, is necessary to make 400 mL of a 0.0500 mol/L solution? 


n =a 
Na, CO; °10H,O = 0.0500 mol/L x 0.400 L 
= 0.0200 mol 
m =— nM 
Naz CO, *10H, 0 = 0.0200 mol x 286 g/mol 


= 5.729 


The mass of washing soda required is 5.72 g. 
Type 5: Calculating Volume from Moles and Concentration 


Vinegar is a dilute solution of acetic acid, CH,COOH. What volume of 0.800 mol/L vinegar solution contains 
1.60 mol of acetic acid? 


Ve al meshes 
CH,COOH © 
pg ACE 
0.800 mol/L 
een 


The volume of vinegar necessary is 2.00 L. 
Type 6: Calculating Volume from Mass and Concentration 


Sodium hydroxide, commonly known as caustic soda, has many uses in the laboratory and in industry. What 
volume of 0.600 mol/L NaOH can be repared from 4.8 g of solute? 


n = = 
NaoH M 
4.89 
40.0 g/mol 
= “OM2imo!l 
n 
V eS Cc 
NaOH 
0.12 mol 


— 0.600 mol/L 
= 0.20L 


The volume of NaOH (aq) that can be prepared is 0.20 L. 
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Mass from Volume and Concentration 
A toilet bowl cleaner may be prepared by mixing sodium bicarbonate (baking soda) and sodium hydroxide (lye). 


1+. What mass of sodium bicarbonate must be added to a 2.50 L bowl to obtain a necessary 0.150 
mol/L solution? 


2. What mass of lye (NaOH) must be added to the bowl along with the baking soda in Question 1 if the molar 
concentration of the lye must be 0.075 mol/L? 


Remedial Problems 


3. Sodium silicate, Na, SiO, , is very soluble in water and its concentrated solution is sold commercially under 
the name of water glass. Sodium silicate may be used with an equal mass of sodium phosphate and half the 
mass of sodium metaphosphate to prepare a water softener for dishes and laundry. 


What mass of sodium silicate is necessary to prepare 10.0 L of a 0.00500 mol/L water softening solution? 


4, A hydrate of sodium thiosulfate known as hypo(Na,S, 0, 5H, 0) is used as a fixer in photography because 
it readily dissolves silver compounds. 


Describe how to prepare 100 mL of a 0.120 mol/L hypo solution. Show the calculations and list the steps. 
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Volume from Moles and Concentration 


1. Sodium phosphate may be used to remove scale deposits from a car radiator. 


What volume of a 0.075 mol/L solution would contain the necessary 1.10 mol of sodium phosphate to 
remove the radiator scales? 


2. A perspiration stain remover may be prepared from sodium perborate trihydrate (NaBO, eH, O, ¢3H, 0). 


Calculate the voluine of 0.600 mol/L perspiration stain remover that would be prepared from 0.300 mol ot 
sodium perborate trihydrate. 


Remedial Problems 


3. Awater solution of sodium hydroxide, known as caustic soda, is useful for dissolving grease and matter of 
plant and animal origin. 





Calculate the volume of 0.100 mol/L Caustic soda solution that contains 3.60 mol of sodium hydroxide. 





4. Silver nitrate is used extensively in making photographic plates and films. 


What volume of 0.320 mol/L silver nitrate solution would contain 0.240 mol of silver nitrate? 


5. Sodium bicarbonate is used in baking as baking soda, or as one of the components of baking powder. 


Describe how to prepare 0.821 mol/L saturated solution of sodium bicarbonate using 1.80 mol ot solid sodium 
bicarbonate. 
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SOLUTION PROBLEMS 


Volume from Mass and Concentration 


1. Chlorine bleach in its solution form usually is sold as a 5 to 6 percent solution of sodium hypochlorite; e.g., 
as in Clorox and Purex. 


How many litres of 0.800 mol/L solution would contain 119.2 g of NaOCL ? 


2. A solution of sodium phosphate makes a very efficient cleaner for old brushes hardened with paint. 


What volume of 0.700 mol/L brush cleaning solution can be prepared from 126 g of Na, PO, i 


Remedial Problems 


3. Corrosion of battery terminals can be prevented by painting the terminals with a protective coating of con- 
centrated sodium silicate, Na, SiO. 


What volume of 8.20 mol/L coating solution can be prepared from 240 g of sodium silicate ? 


4. Pots, kettles, frying pans and other nonaluminum household 
utensils can be economically cleaned of 
grease and baked-on food materials by using a solution of lye (NaOH). : 


pee how to prepare a 0.100 mol/L lye solution using 10.0 g of solid NaOH. Show calculations and list 
e steps. . 
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SOLUTION PROBLEMS — AN OVERVIEW 


A dilute solution of sodium bicarbonate can be used as a soothing eyewash. 


What is the molar concentration of an eyewash solution which has 0.00357 mol of sodium bicarbonate dis- 
solved in water to make 240 mL of solution? 


Sodium bisulfite and oxalic acid dissolved in water makes an effective radiator rust remover. 


What is the molar concentration of a solution in which 120 g of sodium bisulfite, NaHSO,, is dissolved in 
water to form 8.00 L of a rust removing solution? 


An all-round cleaning agent, sodium phosphate, is excellent for removing grease from engines and 
mechanical parts. 


Find thenumber of moles of sodium phosphate in 8.00 L of a 0.0125 mol/L cleaning solution. 


One of the many industrial uses of sulfuric acid employs sulfuric acid for removing certain organic impur- 
ities from petroleum. 


What volume of 2.50 mol/L H,SO, solution would contain 2.00 mol of sulfuric acid? 


Sodium hydroxide (commonly known as caustic soda or lye) is used as a cleaning agent because its solu- 
tions readily dissolves grease and other matter of plant and animal origin. 


What mass of sodium hydroxide is required to prepare 400 mL of a 0.200 mol/L cleaning solution? 


A calcium chloride solution may be used as a grass killer. 


What volume of a 1.0 mol/L calcium chloride grass killing solution could be prepared from 1.00 kg of 
calcium chloride? 


Ammonium carbonate is a suitable replacement for the aqueous solution of ammonia as a household clean- 
ing agent because it yields ammonia readily. 


Describe how to prepare 1.00 L of a 0.450 mol/L solution of ammonium carbonate. Show calculations 
and list the five steps followed in preparing the solution. 
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PIPETTING TECHNIQUE — DEMO [2 


Purpose: 


1. To demonstrate correct pipetting techniques. 
2. To practice correct pipetting techniques. 


Note: 
For best results this demo should be followed by student practice in the laboratory. 


Predemonstration Information: 


Pipetting is a common technique for measuring out a particular volume of a liquid. A pipet measures a small 
volume (usually 25 mL or less) to high precision (0.1 mL to 0.01 mL). Two basic types of pipets are: 


1. delivery pipets, which deliver a specific volume only. 
2. graduated pipets, which have a scale and measure incremental volumes. 





delivery pipet graduated pipet 
Procedure: 


The correct technique for pipetting a sample is outlined below. 


1. Clean and rinse the pipet. When taking samples of a liquid with a pipet, the pipet is first rinsed with distilled 
water into a waste beaker. Since the first sample taken is diluted by the film of water already inside the 
pipet, drain the first sample into a waste beaker. This is known as rinsing with the sample solution. This pro- 
cedure should be used whenever a pipet is first used for a given day or whenever a pipet is used with a dif- 
ferent solution. 


2. Hold the pipet near the top between the thumb and the last three fingers of one hand, leaving the index 
finger free. (This grip allows for quick finger action and does not cover the calibrated line on the pipet. | 
Squeeze the pipet bulb closed with the other hand. 
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Apply the pipet bulb to the large end of the pipet, 
and release the pressure on the bulb. This should 
draw liquid up into the pipet. (The bulb should be 
held against the pipet only firmly enough to make 
an air seal. Do not force the pipet entirely into the 
bulb. Pipetting should never be done using the 
mouth for suction. Even tiny amounts of some 
chemicals can be poisonous if taken into the 
mouth. To slow the rise of the liquid into the pipet 
press the end of the pipet onto the bottom of the 
beaker. To increase the rate of rise tilt or raise the 


pipet.) 





When the liquid level rises above the calibrated 
mark on the pipet, remove the bulb and quickly 
place the index finger over the end of the pipet. 
This step will be successful if: 


a. the bulb has not been forced onto the pipet 
b. the hand holding the pipet is high on the pipet 
poised for action 
c. the index finger rather than the thumb is used 
i. the thumb action is slower 
ii. when the thumb is used the fingers will often 
cover the calibrated line 





Gradually roll the index finger breaking the air seal 
and allowing liquid to flow out of the pipet. Allow 
the level to drop until the bottom of the meniscus 
is exactly on the calibrated mark. Hold the level 
there by pressing harder with the index finger. 





4 | SOLUTIONS Fis 


PIPETTING TECHNIQUE — DEMO 12 


6. Place the tip of the pipet against the inside wall of 
the receiving container and allow the contents to 


flow out of the pipet. 
(For delivery pipets, simply remove the index 
finger. For graduated pipets, stop the flow again 
when the bottom of the meniscus drops to the 
graduation mark desired.) 





7. When a delivery pipet drains, a small amount of 
liquid remains in the tip. : 
(A delivery pipet is calibrated to correct for liquid 
remaining after the pipet tip has been touched to i 
the inside of the receiving container.) | 





8. Repeat the procedure several times. If working in 
pairs take turns. Pipetting is a skill which must be 
practiced. =a 


Questions: 


1. What are the two types of pipets? 
2. When is a pipet used instead of a graduated cylinder? 
Why must the pipet be rinsed with the sample solution before pipetting an acceptably accurate volume? 


List two reasons why the index finger rather than the thumb is used for stoppering the pipet. 


5. List two techniques for slowing the rise of the liquid in the pipet. 


Why is the pipet tip placed against the inside of the receiving container? 


(Optional) How might the accuracy of a cipet be checked? 
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PREPARATION OF A STANDARD SOLUTION 
AND DILUTION OF KNOWN SOLUTION — LAB I1 


Purposes: 
Part A: To accurately prepare a solution of known concentration. 


Part B: To subsequently dilute the solution prepared in Part A. 


Prelab Exercise: 


Calculate the mass of CuSO, °5H,O required to prepare 100.0 mL of a 0.200 mol/L solution. 


Apparatus and Materials: 


centigram balance 

250 mL beaker 

vial of CuSO, ¢5H,O 
wash bottle containing distilled water 
stirring rod 

funnel 

scoopula 

100 mL volumetric flask 
10 mL pipet 

medicine dropper 
meniscus finder 


' 


Procedure: 


Part A: (Refer to the five general steps to be followed in preparing solutions (given earlier). 


1. Before going to the laboratory calculate the number of moles and the mass of CuSO, °5H.O required to 
prepare 100.0 mL of 0.200 mol/L solution. Show the work in the Prelab Exercise. 


2. Determine and record the mass of a clean, dry 250 mL beaker. Preset the balance riders to the mass of the 
beaker plus solute. Add CuSO, ®5H, 0 into the beaker until the balance beam levels. 


3. Add 40-60 mL of distilled water to the CuSO, °5H, O in the beaker. Stir the solution with a clean Stirring rod 
until the CuSO, ®5H, O is all dissolved. 


4. Using a clean funnel, transfer the solution from the beaker into a clean 100 mL volumetric flask. Use the 


wash bottle to rinse any solution from the stirring rod, the beaker, and then the funnel into the volumetric 
flask. 


5. Use a medicine dropper to carefully bring the bottom of the solution meniscus to the 100.0 mL mark on the 
volumetric flask. (A meniscus finder is useful here.) Stopper the volumetric flask and invert several times. 
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PREPARATION OF A STANDARD SOLUTION 
AND DILUTION OF KNOWN SOLUTION — LAB I1 


Part B: 
Proceed with the following steps to dilute the CuSO, solution from Part A. 


th 


Pour the 0.200 mol/L CuSO, from Part A into a clean, dry 250 mL beaker. 
Use a 10 mL pipet to transfer 10.0 mL of the 0.200 mol/L CuSO, into a clean 100 mL volumetric flask. 


oe 
3. Add distilled water to the 10.0 mL of CuSO, solution in the volumetric flask until the bottom of the solution 
meniscus finder reaches the 100.0 mL mark. 
4. Stopper the volumetric flask and invert several times. 
5. Take the final solution to the teacher who will check it for color intensity or conductivity against a set of 
standard solutions. 
Observations: 


Mass of 250 mL beaker 


Mass of CuSO, ®5H,O required 


Mass of 250 mL beaker plus required CuSO,®5H,O —__________ 


Calculate the concentration of the solution after dilution. (See the next page if necessary.) 


Questions: 


le 


4. 


What property of the CuSO, solution changes noticeably upon dilution? 


Which solution would contain a greater number of moles of solute, 8.00 mL of the concentrated CuSO 
solution or 40.0 mL of the diluted solution? Show calculations. ; 


(Optional) Can a 0.2000 mol/L CuSO, solution (n isi 
ene ait 4 (note precision) be prepared using the equipment employed 
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DILUTION 


Most solutions bought for laboratories are bought in concentrated form. Some solutions are prepared in 
concentrated form in the laboratory for later use. The bought or prepared solutions are then diluted to yield 
solutions of known concentration as required. 


When a solution is diluted, only the amount of solvent is increased. Therefore, the number of moles of solute 
in the initial (concentrated) solution is equal to the number of moles of solute in the final (diluted) solution. 
initial 

ee tinal 
nj = nf 


Ssincen = Cv Cixvj = Cx vg 


The above equation may be used to solve several types of dilution problems. 


Example 1: 


Concentrated commercial hydrochloric acid is prepared by dissolving hydrogen chloride gas in water. The 
molar concentration of concentrated hydrochloric acid is 12.4 mol/L. 


What volume of concentrated (38 %) hydrochloric acid must a laboratory technician use in order to prepare , 
2.00 L of 0.250 mol/L HCl(aq)? 


XV =) Ce xv; 
12.4 mol/L xv; = 0.250 mol/L x 2.00 L 
0.250 mol/L x 2.00 L 


ye = ——————_ = 0 0408 
4 12.4 mol/L 


The volume of concentrated hydrochloric acid required is 40.3 mL. 


Example 2: 
Concentrated (glacial) acetic acid is 99.5% pure and has a concentration of 17.4 mol/L. 
What is the molar concentration of a 5 % vinegar solution prepared from concentrated acetic acid if 200 mL of 
concentrated acetic acid is diluted to fill a 4.00 L container of vinegar? 
Cjxvji = Cx vg 
17.4 mol/L x 0.200L = Cr x 4.00 L 


17.4 mol/L x 0.200 L Cy 


0.870 mol/L = Beas he ae = 


The molar concentration of the vinegar solution is 0.870 mol/L. 
Molar Concentration of 
Some Concentrated Solutions 
HClaq) 12.4 mol/L 


H3 PO, (aq) 14.7 mol/L 
HNOs (aq) 15.4 mol/L 


CH, COOH (aq) 17.4 mol/L 
H, SO, (aq) 17.6 mol/L 
NHs (aq) 14.8 mol/L 





ibe 


The following two pages of dilution problems were adapted fr 
by Norman Stark and from the CR 
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DILUTION PROBLEMS 


om information obtained from The Formula Book 
C Handbook of Chemistry and Physics edited by Robert C. Weast. 


also known as methyl alcohol, wood alcohol and methyl! hydrate), 


One of the uses of methanol, CH, OH ( | 
In pure form methanol has a molar concentration of 


in diluted form is a windshield washer antifreeze. 
24.7 mol/L 


Using a table from the CRC Handbook of Chemistry and Physics a student prepared 8.0 L of 10.0 mol/L. 
aqueous methanol as windshield washer antitreeze good for -30 °C. What volume of methanol was neces- 


sary to prepare the antifreeze solution? 


A concentrated (19.1 mol/L) sodium hydroxide solution (also kn@wn as caustic soda) when diluted has wide 
spread use as a Cleaner and disinfectant. 


What is the molar concentration of a bottle and jar cleaner used by a commercial firm if 10 L of concen- 
trated caustic soda solution is diluted to 400 L? 


Concentrated ammonia (NH, (aq)) solution is prepared by dissolving ammonia gas in water. The molar con- 
centration of concentrated ammonia is 14.8 mol/L. 


What volume of concentrated aqueous ammonia (Caution) is required by a consumer to prepare 5.0 L of 
0.70 mol/L household ammonia? 


Pure C,H,OH, ethanol, is 17.2 mol/L. In diluted form ethanol is present in all alcoholic beverages and in 
many cleaners. 


To what volume must 10.0 mL of pure ethanol be diluted in order to prepare 10.3 mol/L ethanol 
type-cleaning solution? 
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DILUTION PROBLEMS 


Remedial Problems 
1. Household ammonia solution (0.70 mol/L) may be diluted to prepare a golf club cleaning solution (° 14 
mol/L) or a comb and hairbrush cleaning solution (0.021 mol/L). 





What volume of household ammonia is required to prepare 250 mL of a comb and hairbrush cleaning 
solution? 


2. If 60.0 L of a 2.50 mol/L toxic substance were poured into a pond to give a final volume at 5.00 x aa 
what would be the final concentration? 


3. To what final volume must the 60.0 L of 2.50 mol/L solution in the previous problem be diluted to make the 
final concentration 1.00 x 10° mol/L (a fairly safe concentration for most toxic substances)? 


4. Commercial concentration sulfuric acid is 17.6 mol/L. If 1.50 L of 2.00 mol/L H> SO, (aq) is required in a 
laboratory, how many millilitres of concentrated sulfuric acid may be used? (When preparing acid solutions 
concentrated acid must be added to the water not vice versa). 
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Saturated Solutions 


Some substances dissolve in each other in all proportions. Examples are water and antifreeze, OF gasoline 
and kerosene. Such substances are said to be miscible. Most other substances are partially soluble, that is, one 
dissolves in the other to a concentration that reaches a definite limiting value at which point the solution is said to 
be saturated. For example, when a solute is stirred in water at 20°C, the solute dissolves rapidly at first, then 


more and more slowly. Eventually, dissolving appears to stop and the concentration of solute dissolved in the 
water no longer increases but remains constant, no matter how long or how vigorously the mixture of solute and 
water is stirred (provided the temperature is kept constant). The solution is now saturated with solute. 


The dissolving action, however, does not cease when the saturating point is reached. Molecules of the solute 
continue to leave the solid and pass into the solution, while other molecules of solute, previously dissolved, return 
to the solid from the solution. The rate of these two processes is exactly equal at saturation, so that the number of 
particles of solute leaving the solid and entering the solution in unit time is equal to the number of solute particles 
leaving the solution and crystallizing out on the solid in the same unit of time. The solution process at saturation 
is an example of a dynamic equilibrium. 


A saturated solution may be defined as a solution in which the dissolved solute is in equilibrium with excess 
undissolved solute at a specified temperature. 


dissolving 
i 
undissolved solute, — dissolved solute 
crystallizing 


Chemical Equilibrium 


Reference to the state of chemical equilibrium will be made in the later study of chemistry. Since solubility 
presents the first opportunity for discussing equilibrium, a more detailed analysis of the equilibrium state at this 
point is desireable. 


Following are the two main characteristics of the equilibrium state. 
1. The equilibrium state requires a closed system, i.e., a system which does not lose or gain matter 


2. The equilibrium state is a dynamic state where two or more opposing processes are taking place at the 
same time and at the same rate so that no change is apparent. 


An analysis of the |,(g)-lo(aq) System at saturation that follows illustrates the main characteristics of the 
equilibrium state. 


| l2(s)—!s(aq) Systems 


Suppose solid iodine is dissolved in an alcohol-water mixture and the addition and dissolving of solid iodine is 
continued until excess, undissolved solute is present. At this point the solution is saturated. It can be verified that 
the quantity of undissolved iodine remains unchanged over time by successive filtrations and mass determina- 
tions. Since the volume of alcohol-water also remains constant, this is a closed system. At saturation no apparent 


changes are occurring. The color intensity, the volume of solution and quantity of dissolved and undissolved 
iodine all remain constant. 


However, at the molecular level, processes are continuing. Molecules are leaving the surface of the undis- 
solved iodine and are tending to increase the concentration of iodine in solution. At the same time, dissolved 
iodine molecules are striking and crystallizing upon the undissolved iodine tending to decrease the concentration 
of lodine molecules in solution. Even though some molecules are dissolving and others are crystallizing, no net 
change is apparent because the two processes are taking place at the same time and at the same rate In other 
words, the !5(s)-lo(aq) system is at a state of equilibrium in which | 


rate of dissolving = rate of crystallization 


lh(s) 4 '2(aq) 


(The double arrows indicating a state of equilibrium.) 
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The dynamic nature of the lo(s)-!o(aq equilibrium can be confirmed through experiments involving radioactive 
iodine isotopes. Suppose a saturated solution of iodine is prepared then filtered to remove all excess undissolved 
iodine. Then a predetermined mass of radioactive solid iodine is added to the saturated solution. 


Subsequent filtration and testing for mass changes and for radioactivity with a geiger counter will indicate two 
things. 
1. The mass of undissolved iodine has remained unchanged. 
2. Some radioactive iodine has gone into solution. (The solution is now radioactive. ) 


Both observations confirm that although the quantity of dissolved and undissolved iodine has remained 
constant, some dissolving and consequently some crystallization must have occurred. 


In general, the I (s)~!2 (aq) system at equilibrium illustrates the typical characteristics of any system at equili- 
brium, namely, 


1. the apparent constancy in regard to quantities of reactants and products at equilibrium 


2. the dynamic nature in regard to two or more processes taking place at the same time at the same rate. 


Exercise: 


1. Describe the equilibrium present in a saturated solution of ammonium chloride in contact with excess solid 
ammonium chloride with respect to: 


a. quantities of dissolved and undissolved ammonium chloride. 


b. rate of dissolving and crystallization of ammonium chloride. 


2. Copper(|!) sulfate dissolved in water yields a blue solution. What is the effect, if any, upon color intensity if 
additional copper(I!) sulfate is added to a solution that is already saturated with copper(||) sulfate? Justify 
the answer. 


3. Describe a theory that explains what happens when solid radioactive iodine is added to a saturated iodine 
solution. What evidence supports this theory? 


SOLUTIONS laa 


8,19 SOLUBILITY 


Solubility 


The term solubilityis commonly used in two senses - qualitatively and quantitatively. Qualitatively, solubility is 
often used in a relative way when substances are classed as being soluble, low solubility or insoluble. At 
extremely low solubilities, the solute may be termed as having negligible solubility or as being insoluble. The table 
below lists the solubilities generally associated with the qualitative terms. (See the solubility table on Side 2 of the 
ALCHEM periodic table.) 


Solubility Qualitative Term Examples 
greater than 0.1 mol/L soluble Na, CO; (aq) 
less than 0.1 mol/L low solubility CaSO, (aq) 
extremely low insoluble CCl, ( 1)-Ho O/ !) 


The qualitative use of solubility is often too imprecise for many purposes. The quantitative definition of solubility 
has a definite meaning. In the quantitative sense, solubility refers to the quantity of solute required to produce a 
saturated solution at a given temperature. Solubility is the concentration of solute in a saturated solution at a 
given temperature. Thus molar solubility would be the number of moles of solute required to form one litre of 
saturated solution at a specified temperature; i.e., the maximum molar concentration of a solute. 


C 


molar solubility = (saturated 7 


solution) 


n 
V 


Example 1: 


A saturated solution produced by dissolving hydrogen chloride gas in water is called concentrated hydrochloric 
acid. If 46.5 g of hydrogen chloride gas is required to prepare 100 mL of concentrated hydrochloric acid at 25°C, 
what is the molar solubility of hydrogen chloride at 25 °C? 


m 46.59 
n ee = AOE = 
HC! M 37.5 g/mol 1.24 mol 
Cn ges = 1.24 mol = 
HCI V 0.100 L” = 12.4 mol/L 


The molar solubility of hydrogen chloride at 25°C is 12.4 mol/L 


Example 2: 


A saturated solution of sulfuric acid (concentrated sulfuric acid) is prepared by reacting sulfur trioxide with 


water and then evaporating any excess water. (Concentrated sulfuric acid is about 94 % pure H,SO, by mass. 
The sulfur trioxide is obtained by burning sulfur.) 


If 1.44 Mg (1 -41 t) of sulfur trioxide is required to prepare 1.00 kL of concentrated sulfuric acid, what is the 
molar solubility of H,SO, at 25°C? | 


ee Lite 1.41 Mg 
Us EGS = 
M 80.1 g/mol = 17.6kmol 
SO, 
C= Car hte - 17.6 kmol s 
H,SO, SO, Vv 1.00kKL = 17.6 mol/L 


The molar concentration of concentrated sulfuric acid at 25 °C is 17 6 mol/L 
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Large deposits of the salt (sodium chloride) underlie the eastern part of the Province of Alberta. The salt is 
mined by pressurized water from depths of about 1 km below the surface. The mining is done to obtain salt 
solutions (brine) for a chlor-alkali plant at Fort Saskatchewan and for a table salt plant at Lindbergh and to 
Produce underground caverns at Fort Saskatchewan for storage of hydrocarbons. 


The salt plant and the underground caverns employ saturated solutions of sodium chloride at points in 
their operation. If 35.7 g of sodium chloride dissolves to make 100 mL of a saturated solution at 0°C, what 
is the molar solubility of sodium chloride at 0 °C? 


Sodium sulfate deposits and brines are found in south-western Saskatchewan and central-eastern Alberta. 
The deposits are either on or near the surface. Horseshoe Lake in Alberta exists on top of a sodium sulfate 
deposit thus resulting in a sodium sulfate brine. The brine removed from the lake is saturated by evaporation 
and the sodium sulfate is crystallized by cooling. The sodium sulfate is sold to pulp and paper mills and to 
detergent producing firms. 


If 50 mL of 30°C saturated sodium sulfate solution is evaporated to dryness and 46.4 g of sodium sulfate 
decahydrate (Glauber’s salt) crystallizes, what is the molar solubility of sodium sulfate decahydrate at 
30 °C? 


Nitric acid is produced at four fertilizer plants in Alberta by reacting nitrogen dioxide gas with water to 
produce nitric acid and nitrogen monoxide. (See ALCHEM elective Alberta Chemical Industries.) Concen- 
trated nitric acid may be prepared by evaporating excess water to obtain a saturated solution. 


If 1.06 Mg of nitrogen dioxide is reacted to produce 1.00 kL of concentrated nitric acid, what is the molar 
solubility of nitric acid at 25°C? (Two moles of nitric acid are produced from every three moles of nitrogen 
dioxide reacted.) 


if SOLUTIONS B® 


FACTORS THAT AFFECT SOLUBILITY 


The prediction of solubilities involves many variables such as relative size and relative charge of solute pe 
solvent particles, interaction between solute and solvent particles, temperature, and pressure. In spite of t i 
complexity of factors that affect solubility, some general rules apply to many of the compounds first encountere 
in the study of chemistry. These general rules are not laws and are therefore subject to exceptions. A discussion 
of the four factors affecting solubility and some relevant general rules follows. 


1. The Nature of Solute and Solvent 


The rule like dissolves like where like refers to similarities in polarities of substances, has useful applica- 
tion for predicting solubilities. (Polarity is discussed in the ALCHEM Chemical Bonding unit.) In general, 
polar and ionic solutes tend to be more soluble in polar solvents and nonpolar solutes tend to be more 
soluble in nonpolar solvents. Thus, inorganic acids (which are polar) and bases and salts (which are ionic) 
tend to be much more soluble in water (which is highly polar). Solvents such as carbon tetrachloride, 
hexane and benzene, which are nonpolar, are not soluble in polar water. Sodium chloride, an ionic sub- 
stance, is highly soluble in polar water, slightly soluble in weakly polar ethyl alcohol and insoluble in non- 
polar carbon tetrachloride. Gasoline, a nonpolar substance, is only very slightly soluble in polar water but 
highly soluble in nonpolar carbon tetrachloride. 


General Rules: 


1. Polar and ionic solutes are soluble in polar solvents. 


2. Nonpolar solutes are soluble in nonpolar solvents. 
2. The Effect of Temperature 


Since most solutes have a limited solubility in a given amount of solvent at a fixed temperature (i.e., are not 
miscible), the temperature of the solvent generally has a marked effect on the amount of solute that will dis- 
solve. For most solids dissolved in liquids, the dissolving process is endothermic and and increase in 
temperature results in an increase in solubility. The effect of increased solubility of solids in liquids upon 
heating is illustrated in everyday experiences. For example, the solubility of soap and dirt in hot wash water 
is greater than in cold.wash water. For most gases, the dissolving process is exothermic and a decrease 
in temperature results in an increase in solubility. For example, when water in a kettle is heated but not 
boiled dissolved air escapes as it becomes less soluble at higher temperatures. For the dissolving of liquids 
in liquids, the effect of temperature is too variable and no useful generalization can be made. In every case, 
a new solubility under new temperature conditions is gradually established. 


General Rules: 


1. An increase in temperature generally increases the solubility of solids in liquids. 


2. An increase in temperature generally decreased the solubility of gases in liquids. 
3. The Effect of Pressure 


Changes in pressure have very little effect on the solubility of solids and liquids. However, changes in 
pressure have a marked effect on the solubility of gases. The solubility of a gas in a liquid is directly propor- 
tioned to the pressure of that gas above the liquid. For example, when a bottle.of carbonated soft-drink is 


opened, the pressure is reduced and dissolved carbon dioxide bubbles out of the solution. A new solubility 
under the new pressure conditions is gradually established. ; 


General Rules: 


1. Changes in pressure have no appreciable effect upon the solubility of solids and liquids. 


23 ie oe! of gases in liquids is directly proportional to the pressure of the specific gas above the 
iquid. 
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The first three questions in this exercise require a limited knowledge of polarity of molecules. 


1. Why are water and 2,2,4-trimethylpentane (CgH,,, a component of gasoline) mutually insoluble? 


2. Explain why Io (s) has low solubility in water but high solubility in ethanol (C,H,OH) and cyclohexane 
(C,H, >). 


3. From the list given below, select those substances that have good solubility in water and those that have 
good solubility in tetrachloroethene. (Tetrachloroethene, C,Cl,, is a commonly used solvent in the dry- 
cleaning process.) 

KMnO, (gs), Clo (g): CH; OH()), C,H, 4(/): NHs3 (g): Bro()): HCl(g), Na, CO3(s) 


Good solubility in water ___ 


Good solubility in tetrachloroethene 





4. How does the solubility of CO, (g) in H,O (as in soft drinks) vary with: 


a. an increase in pressure of CO, (g)? Explain. 


b. an increase in temperature? Explain. 


5. How does the solubility of washing soda (Na,CO,) in water vary with: 


a. an increase in pressure? 


b. an increase in temperature? 


6. (Optional) Will stirring a solution increase the solubility of the solute in the solution? 
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Purpose: 
To classify solutions of compounds as electrolytes or nonelectrolytes. 


Predemo Information: 
Solutes can be classified into two categories: 
1. electrolytes, which upon dissolving yield solutions that conduct electricity 


2. nonelectrolytes, which upon dissolving yield solutions that do not conduct electricity. 


Materials: 


1 - electrical conductivity apparatus 
1 - 400 mL waste beaker 
1 - wash bottle 


All of the solutions listed below are 0.10 mol/L unless otherwise specified. 


water 1-butanol, C, H, OH glucose, C,H, 50, 

sodium chloride sulfuric acid calcium hydroxide (saturated) 
hydrochloric acid sucrose, C,,H,,0, , copper(I!) sulfate pentahydrate 
methanol potassium dichromate potassium permanganate 
sodium hydroxide nitric acid acetone, (CH, ),CO 
ammonium acetate potassium hydroxide glycerol, C,H, (OH), 


sodium bicarbonate 


Procedure: 


Use an electrical conductivity apparatus to determine whether the substances in the material list are electrolytes 
or nonelectrolytes. Rinse the electrodes with distilled water after each test. 


Observations: 
Summarize the results of the electrical conductivity tests in the following table. 





Substances that are Substances that are 
Nonelectrolytes Electrolytes 












Questions: 


1. What class of compounds were electrolytes? nonelectrolytes? 
0 eee 


2. ; , 
Propose a hypothesis to explain why some substances are electrolytes while others are nonelectrolytes. 
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Nonelectrolytes 


Nonelectrolytes generally include mo'~ ular elements and molecular compounds. Solutions of nonelectrolytes 
are called nonelectrolytic solutions. ./hen nonelectrolytes dissolve, they separate into individual neutral 
molecules that are free to move throughout the solution. 


Equations showing the dissolving process for nonelectrolytes simply show the solute changing from its pure 
state to its dissolved state. 


For example, when sugar dissolves in water: 
Cy 2H2 20, (s) ———*® ©; 24220, , (aq) 
Electrolytes 
Electrolytes generally include ionic compounds and acids. Solutions of electrolytes are called electroytic 
solutions. When electrolytes dissolve, they separate into ions which move freely throughout the solution. When 
electrolytes dissolve and separate into ions, they are said to dissociate and the process is known as dissociation. 


Although electrolytic solutions may contain billions of ions, the solutions as a whole are always neutral because 
the solutions always contain equal quantities of positive and negative charge. 


Equations which show the dissolving of electrolytes must show the solute in its pure state changing to aqueous 
ions. Dissociation equations must: 


1. be balanced 
2. show correct ionic charges 
3. show physical states 
Examples: 
+ - 
KCl(s) —$—_—___ > K(aq) + Cl(aq) 
Cu(NO, Lich aad Cu* (aq) 4 2NO3 (aq) 
3 2- 
Al, (SO, aes 2Al (aq) +°° 380; (aq) 
2+ Q=5 
CuSO, °5H,0(.)——__ Cu (aq) + SO% (aq) 
Hydrogen Compounds 
Hydrogen compounds are a special case. All hydrogen compounds dissolve but only some hydrogen 
compounds (e.g., the six listed below) dissociate essentially 100%. Most hydrogen compounds only dissociate 
slightly after dissolving and should be shown in molecular form in solution. (The Acid-Base unit in ALCHEM 30 
will provide further explanations.) The six acids which dissociate 100 % are listed below and also on the ALCHEM 


periodic table. All other acids dissolve primarily as molecules. 


These acids dissociate 100%: 


HClO, (ag) ———> Hiaq) + ClO; (aq) 
HI(aq) ————_> H(aq) + aq) 
SIE (= ear H(aqg) + Br(aq) 
HCl aq) ————> Haq). + Cl(aq) 
FINO; (aq) ——_—__»- Hiaq) + NO3(aq) 
Hp SO, (aq) Haq) + H80%(aq) 


Note that the hydrogen compound is usually shown as first dissolving in water to form an acid and then dis- 
sociating (hence the HCl(aq) in the equation above rather than HClg)). 
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Svante August Arrhenius (1859 - 1927) 


Arrhenius (ar-ray-nee-us) was a child prodigy, able to read at three, and com- 
pleting high schoo! as the youngest and highest in his class. 


While studying for his Ph.D. in Chemistry at the University of Uppsala in Sweden, 
he became interested in the properties of conducting solutions. Michael Faraday had 
already worked out the basic laws of electrolysis. Faraday knew, for example, that 
the amount of current that would deposit a given number of aluminum atoms from a 
solution would deposit exactly three times as many silver atoms. Faraday suspected 

“that electricity existed as tiny particles, and had created the word jons to refer to 
hypothetical particles carrying electricity through solutions. 





Arrhenius seized upon this scattering of evidence and ideas. He did research and added more of his own 
evidence. Then in one clear theory he undertook to explain the nature of particles existing in conducting solution. 
Another chemist named Raoult had worked out the relationship between the size and number of particles in a 
solution and the lowering of the freezing point. 


Basically, Arrhenius’ theory stated that when an electrolyte like NaCl dissolves in water, it does not separate 
as NaCl molecules. Freezing point data indicated that twice as many particles are present as this could account 
for. Since the solution obviously does not contain sodium atoms and chlorine molecules, a different kind of 
particle must be present. Arrhenius visualized, and correctly, that the sodium and chlorine separate as discrete 
particles, but with electric charges. This explained the unique properties of solutions of electrolytes. The theory 
paved the way for examination of atomic structure, since it included the idea that atoms were not indivisible and 
unchangeable. 


Arrhenius’ suggestions were radical and contradicted much of the established work of his time. The 
suggestions alienated his teachers, and he was granted his Ph.D. in 1884 with the lowest possible mark. For the 
next ten years he worked with a few other ‘‘new wave”’ chemists in relative obscurity. During this time, however, 
Thomson discovered the electron, and Becquerel discovered radioactivity. With new knowledge about atomic 
structure, Arrhenius theory became so obvious that opposition to it collapsed. In 1895 he was made a professor 
at the University of Stockholm and in 1903 was granted the Nobel Prize in chemistry for the same Ph.D. thesis 
that almost failed him nineteen years earlier. 


The Arrhenius definitions of acids and bases still have limited use today. Arrhenius defined acids and bases as 
species which dissociate in water to increase the hydrogen ion and hydroxide ion concentrations respectively. 
These definitions are still used in elementary chemistry contexts but have been largely replaced by Bronsted- 
Lowry and Lewis definitions of acids and bases. (See ALCHEM 30, Unit N, Acids and Bases.) 


The other major contribution Arrhenius made to Chemistry was the explanation of the change in reaction 
speeds with temperature. He suggested, and again correctly, that reaction between particles depended on an 
activation energy. That is, particles must collide with a certain minimum force before they will react. This turns 


In 1905, Arrhenius was appointed director of the Nobel Insti i i 
itute for Physical C 
post until shortly before his death in October, 1927. ‘ ee 
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Write dissociation equations for the following electrolytes. Show the physical state of all species involved. (The 
electrolytes are those tested in Demo 13.) 


1. sodium chloride 


2. hydrochloric acid 


3. sodium hydroxide 


4. ammonium acetate 


5. potassium hydroxide 


6. sulfuric acid 


7. potassium dichromate 


8. nitric acid 


9. copper(I!) sulfate pentahydrate 


10. potassium permanganate 


11. sodium bicarbonate 
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Importance of lonic Concentrations 


Consider a solution made by dissolving 0.46 mol of Al, (SO, )3(s) to make 2.00 L of aqueous solution. Although 
it is common to refer to such a solution as 0.23 mol/L Al, (SO, ),, this is technically imprecise. In solution the 
compound exists as free, separate Al (aq ions and SO} (aq) ions. In chemical reactions involving such a 
solution, the ions usually react independently of each other. Oren: rather than referring to the concentration of a 
compound in solution, the concentration of the ions present is stated. This system is always more correct and 
often more convenient. 


Example 1: 
In a 0.23 mol/L Al,(SO,), solution, what is the molar concentration of each ion? 


Step 1: Write a balanced dissociation equation. 


+ 


Al, (SO4)3 (3) 2A? (aq) * 3804(aq) 
Each mole of compound dissolved yields two moles of cations and three moles of anions 


Step 2: Use a mole ratio to determine the ion concentrations. 


2 
CF t= s 1022 mol/L \x—- = 0.46 mol/L 
Ae 
3 
Cc = 0.23 mol/L x7 = 0.69 mol/L 
S075 


Example 2: 


A solution contains 9.61 g of (NH,),CO, dissolved in water to form 400 mL of solution. What is the 
concentration of each ion in solution? 


(NH, 1300, . a : Gist o = a) 
ss e oa) 2 0.100 mol 
(NH, ),C0, y = 0.400 L” = 0.250 mol/L 
(NH, ) COs (sy ——— 2NH, (aq) B CO3 (aq) 
NE = 0.250 mol/L x= = 0.500 mol/L 


C =0.250 mol/L xT 
Co?" 


0.250 -mol/L 


Example 3: 


In an ammonium dichromate solution where the concentration of the ammonium ion is 0.0466 mol/L. what is 
the concetration of the solute? : 


(NH4)2 Ct 07 (3)—— 2NHytag) + Cr 07 (aq) 


a = 0.0466 mol/L x = 0.0233 mol/L 
(NH, )5Cr,O, 
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Case 1: Continued 
For each of the Questions 1 to 5: 
1. write the dissociation equation 


2. calculate the concentration of each ion. 


1. 0.0!1 mol/L Na, PO, tile and household cleaner 


2. 0.0143 mol/L NaHCO, eyewash solution 


3. 0.00135 mol/L Ca(OH), solution in a water treatment plant 


4. a fence post preservative solution prepared by dissolving 800 g of zinc chloride in enough water to make 
4.50 L of solution 


5. a solution formed by dissolving 7.50 mg of Al, (SO, ),z in each 1.00 L of water processed by a water 
treatment plant 


For each of Questions 1 to 4: 


1. write the dissociation equation 


2. calculate the concentration of dissolved electrolyte necessary to give the stated cation or anion concentra- 
tion 


Na,CO, to give 0.500 mol/L CO,” (aq) concentration 


— 


2. (NH,),SO, to give 1.20 mol/L NH, (aq) Concentration 


wo 


K,Cr,0; to give 0.600 mol/L Cr,027,_, concentration 


(aq) 


4. What mass of calcium chloride is required to prepare 2.000 L of 0.120 mol/L Cl (aq) solution? 


SOLUTIONS 24 


OVERVIEW 


Define the following terms. 


1. solution 





a 


2. molar concentation _.. 2 = = ee EOE EEE eee 


I a 


3. solubility 





Describe how to prepare 100.0 mL of a 0.200 mol/L solution of Na, CO; (aq): Show all calculations. 


5. Describe how to prepare 250.0 mL of a 0.100 mol/L solution of sulfuric acid from concentrated (17.6 mol/L) 
H,SO,. Show all calculations. | 


6. What is the concentration of sulfate ions in an alumi j 
uminum sulfate solu i 
solute in water to make 250.0 mL of solution? aaa aM Br Se 
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Remedial Problems 


1. Describe how to prepare 500.0 mL of a 0.250 mol/L solution of caustic potash, KOH (aq): Show all calculations 
required. 


2. Describe how to prepare 1.000 L of a 0.200 mol/L solution of hydrochloric acid from concentrated (12.0 mol/L) 
HCl(aq). Show the calculations required. 


3. The molar solubility of sucrose in water is 3.80 mol/L at room temperature. Assuming that the mass of a sugar 
cube is 3.80 g, calculate the mass of sucrose and then the number of sugar cubes that would be required to 
prepare 250 mL of saturated sucrose solution, C,,H,,0, , (aq): 


4. What mass of solid AICI, would be required to prepare 2.00 L of a solution in which the concentration of 
Chloride ions is 0.100 mol/L? 


Stop 


The core material for solutions ends here. The remainder of this unit covers the optional topic reactions in 
solutions — net ionic equations and solution stoichiometry. The optional section is suggested for those intending 
on doing the ALCHEM elective Analytical Chemistry. A suggested order is net ionic equations, cation and anion 
analysis, solution stoichiometry and then quantitative analysis. 
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2 REACTIONS IN SOLUTION 


Types of Reactions in Solution 


Reactions in solution fall into many categories, but two common types are single replacement and double re- 
placement reactions. Several variations of these types are discussed in the following section. 


Single Replacement Reactions 


element + compound ————» element + compound 


The general form of single replacement reactions is 
Alt] BC ———-_ B + AC (A is a metal or hydrogen) 
or A + BC——~ C+ BA (A is a nonmetal) 


Some examples of the types of single replacement reactions are: 


Case 1: active metal + acid ——»> hydrogen -: a salt 
ANG) ISNA cee BG pag (20) 


(Salts is a general term for ionic compounds which are not acids or bases.) 


Case 2: active metal + water ———» hydrogen + a base 


2Nas) + 2HOH( )) ——> H, (4) oe CaNell al Eh 


(Base as used here refers to compounds containing a hydroxide anion. A more complete discussion of 
bases occurs in ALCHEM 30, Unit N, Acids and Bases.) 


Case 3: metal + salt ——> metal + salt 


ANG), "AEE ohne (Cle Aiea) 


Case 4: nonmetal + salt ——> nonmetal + salt 


Clo (g) + 2K|\(aq) ——» Io (s) + 2KCl(aq) 
or (aq) or (aq) 
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Double Replacement Reactions 


compound + compound———% compound + compound 


The general form of double replacment reactions is 


AB +> CD-———_-} AD + CB 


which may be viewed as the cations A and C exchanging anions B and D. 


Two very important categories of double replacement reactions are precipitation and neutralization. 


ie 


Precipitation Reactions 


Precipitation occurs when compounds react in solution to produce one (or more) new compounds of 
low solubility. The low soluble compound forms as solid particles which settle out. A precipitate can be 
separated from the rest of the system by filtration. The solution fraction which passes through a filter is 
called the filtrate. Precipitates are identified in reaction equations with an s subscript. For example: 


BaCl, (aq) + K, SO, (aq) —— BaSO, (gs) + 2KCl(aq) 
(precipitate) (filtrate) 


The solubility table included with the ALCHEM periodic table of ions can be used to predict a precipitate in 
many reactions. For example, in the reaction above, the table specifies that all alkali compounds are 
soluble, so KCI cannot be a precipitate. It also shows that a compound of Shy anions and Ba** cations is 
of low solubility. When BaSO, forms in this reaction, it will be as solid particles. 


Neutralization Reactions 


Neutralization reactions occur between acids and bases in solution. The products are water and a salt. 


acid + base——— water + a salt 


For example: 
HNO3 (aq) + NaOH (aq) — HOH, 1) +, NaNO; (aq) 


Neutralization reactions find extraordinarily wide application throughout the field of chemistry. (See 
ALCHEM 30 Unit N, Acids and Bases). Neutralization reactions are often difficult to detect, since such 
reactions usually take place in aqueous solutions. In a system which is mostly water, the formation of a 
small amount of (more) water is not visible. 


Compounds called indicators which change color at the completion of neutralization reactions are often 
added to the reaction system. Indicators change color to give. visual evidence when an acid or base has 
completely reacted. 
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REACTIONS IN SOLUTION 


For the following reactions: 


ile 
Bi 


identify each reaction according to reaction type 


write a balanced equation for each reaction. (Show the physical state of all species involved. Assume 
aqueous solutions for all reactant compounds.) 


zinc + sulfuric acid ————————3> 





Reaction type: 


lead(Il) nitrate + potassium iodide ——————3> 
Reaction type: = ee ree en ee 


Balanced equation; _-. 


calcium + water ————————3> 


Balanced equation: __ 


hydrochloric acid + potassium hydroxide ——————3> 
REACTION RLY DC meee ee eee 


BalancedegUation a ————————————aerr 


chlorine + sodium bromide ————————B> 


Reaction type: 





Balanced equation: 


barium hydroxide + nitric acid 9 ————————_ > 


Reaction type: 


Balanced equation: 





bromine + potassium iodide ———————___» 


Reaction type: 


Balanced equation: <= © 5. «(Da Ree eee 


lead(II) nitrate + sodium bromide ——————__ > 


Reaction type: 


Sk 


Balanced equation: 
Ee i 2 rei Belles abaygamn | 
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NET IONIC EQUATIONS 


Writing lonic Equations 

Many chemical reactions can be represented by three different kinds of equations: nonionic equations, total 
ionic equations and net ionic equations. For reactions in aqueous solution, the most correct are ionic equations 
Since in the ionizing water media, substances that are electrolytes undergo dissociation into ions. The ionié 
species in aqueous solution subsequently react as icons. 
1. Nonionic Equations 

IN nonionic equations, the elements and compounds are written in their molecular or formula unit forms. 
Example: 


2. Total lonic Equations 


In total ionic equations, elements and compounds are written in the forms in which they are predominately 
present, electrolytes are written in ion form, and nonelectrolytes, precipitates and gases are written in their 
molecular or formula unit forms. 


Example: 
2Ag(ag) + 2NO3, 


+ + 


Ba’ (aq) + 2Cl(aq) - sat selena aati 2AgCl(s) + Ba’ (aq) + 2NO3 (aq) 


aq) 


3. Net lonic Equations 


In net ionic equations, only those molecules, formula units or ions that have changed in form (i.e., predomin- 
ant reacting species) are included in the equation. lons or molecules that do not change (spectator species) are 
omitted. 


Example: 
2AG(aq) + 2Cl(aq) ——> 2AQCl(s), which reduces to: 
Ag(aq) + Cl(ag) ——* AgC\s) 


The following is a summary of rules to observe when writing net ionic equations. 
1. Species that do not change or take part in the reaction are not shown. 


2. The equations must be balanced, both in atoms and in electrical charge using the lowest whole number 
ratio. 


3. Species are written in the form in which they actually exist. 


Strong Acids 


Acid solutions are written in molecular form except for the six strong acids which are written in ionic form (see 
below and ALCHEM unit, Acids and Bases). The six strong acids are also listed on Side 2 of the ALCHEM 
periodic table. 


Strong Acid Written as 


HOw ag) — Haq) + ClOj (aq) 
HNO3(aq) ———» (aq) + N03 (aq) 


eo a (aq), + ag) 
HI (aq) ————> Haq) * |aq) 
HBr(ag) 9 Haq) + Br(aq) 
*H,SO4(aqg) — > Hfaq) + 4804 (aq) 


Sulfuric acid is a special case which will be explained in the ALCHEM 30 unit, Acids and Bases. In as much as 
possible sulfuric acid should be avoided in net ionic equations until the ALCHEM 30 unit Acids and Bases. 
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ions in Solution 


Remember that there is no thing such as an ion in isolation. For example, Pb* (aq): means a solution containing 
lead Il) ions. Such a solution results when any soluble lead(I!) compound, such as Pb(NOs )o(s); dissociates 
upon dissolving in water. A chemist will read the following net equation 


Pb* (aq) # 2!(aq) ——} Ppl, (s) 


as a solution containing Pb (aq) ions reacts with a solution containing K aq) ions to form a precipitate of PbI, (5). 


Obtaining a Net lonic Equation 


The following examples illustrate the writing of net ionic equations. The examples illustrate how to write net 
ionic equations for the reactions used as examples of reaction types earlier. 


Single Replacement Reactions 


Case1: Zinc reacts with hydrochloric acid (a strong acid). 


ZN(s) + 2HCl(aq)—_ 3 ZnCl, (aq) + Ho (g) (nonionic) 
Zn(s) * 2H(aq) Hs 2Cl(aq) —— 2" (aq) + 2Cl(ag) + Hog) (total ionic) 
Zms) + 2H(aq)—— Ha(g) + 2" (aq) get tonie) 


Note: The reaction of an active metal with a weak acid is represented by equations that are slightly different. 
Consider the reaction of zinc with acetic acid. 


21s) + 2CH, COOH(aq) Zn(CH; COO), (aq) + Ho (g) (nonionic) 
ZN(s) + 2CH, COOH (aq) Zn? (aq) + 2CH, COO(aq) + Ho (g) (total ionic) 
ZN(s) + 2CH, COOH (ag) Zn* (aq) + 2CH3 COO(aq) 2 Hea) (net ionic) 


(In some situations the total ionic equation and net ionic equation are the same.) 


Case 2: Sodium reacts with water. 

2Najg) + 2HOH(s) BR Hog) + 2NaOH (aq) (nonionic) 
2Na(g) + 2HOH(j)——BH2(g) + 2Na(ag) + 2OH(aq) (total ionic) 
2Nais) + 2HOH())——3™H,(g) + 2Na(aq) + 2OH(aq) (net ionic) 


Case 3: Zinc reacts with a copper(I!) sulfate solution. 


Zns) + piegted) enh Cis) + ZnSO, (aq) (nonionic) 

2Ms) + ou" (29) + SO%(aq)— Cus) + Zn? (aq) + SO3(aq) (total ionic) 
+ + 

Zn(s) Cu (aq) ——> Zn* (aq) + Cus) (net ionic) 


Case 4: Chlorine reacts with a potassium iodide solution. 

na # et \(2q) gam aoe alas) + 2KCl(aq) (nonionic) 
“i @ : *K(aq) * 2l(aqgy— |2(s) + 2K(ag) + 2Cl(aq) (total ionic) 
2(g) + 2\(aq) ——¥ |. (s) + 2Cl(aq) (net ionic) 
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Double Replacement Reactions 


Case 1 (Precipitation Reaction): A barium chloride solution reacts with a potassium sulfate solution. 


PAC (aq) tee K 250, (aq) ——__* BaS0, (5) + 2KCl(aqg) (nonionic) 
Ba? chs 4 2C\(aq) + 2K (aq) + so? (aq) ———» BaS0, (g) + 2K (aq) + 2Cl(aq) (total ionic) 


(In ne case, if no precipitate forms, there is no reaction.) 


Case 2 (Neutralization Reaction): Nitric acid neutralizes a sodium hydroxide solution. 


pe da: * oy aCe ——* NaNO. jag; + HOH) (nonionic) 
as 

H(aq) ? gin Lape HOH) (net ionic) 

Exercise 


Write the total ionic equation and the net ionic equation for each of the following reactions. All reactions are in 
water solution. 


1. Potassium metal reacts with water. 


2. A lead(Il) nitrate solution reacts with sodium sulfide solution to yield a precipitate. 


3. Chloric acid is neutralized by a potassium hydroxide solution. 


4. Hydrochloric acid is added to a solution of barium hydroxide. 
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5. Magnesium metal is added to an aqueous solution of hydrogen bromide. 


Calcium metal reacts with water. 


(op) 


~ 


Hydrochloric acid is added to limestone (CaCO, ). (This reaction is a typical test for limestone in rock(s).) 


8. Aqueous solutions of sodium sulfate and barium bromide are mixed. 


9. An aqueous solution of washing soda, Na,CO,, is added to remove Ca* (aq) from water that contains dis- 
solved calcium hydrogen carbonate. 


10. Excess hydrochloric acid in gastric fluid may be neutralized by a magnesium hydroxide suspension. 
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Writing Net lonic Equations — An Alternate Method 


An alternate way of writing net ionic equations is to first list the reactant species that are present. In writing the 
species present, the following should be remembered. 


1. Elements, molecular compounds, weak acids and ionic compounds of low solubility are written in nonionic 
form. 


2. Soluble ionic compounds and strong acids are written as separate aqueous ions. 


From the list of reactant species present, those species that will react are selected and the net ionic equation 
is written. For example, consider the reaction between aqueous solutions of lead(II) nitrate and potassium iodide. 
The reactant species present are 


ae 


Pb (aq): NO3 (aq): K(aq) and I(aq) 


From the cation-anion species present, it is evident that the only reaction possible is a precipitation reaction. 
The solubility table on the ALCHEM periodic table shows that the presence of Pb* (aq) and (aq) ions in solution 
gives a compound of low solubility. Consequently, the equation for the reaction is written as 


a - 
Pb* (aq) + 2\(aq) ——> Pbl. (s) 


which is the net ionic equation for the reaction. 


As the previous example illustrates, knowledge of the types of reactions in solution is required before the net 
equation can be written from an analysis of reactant species present. Refer back to the types of reactions in 
solution given earlier. The following examples will illustrate how to write net ionic equations from analysis of re- 
actant species for the same reactions as used earlier. 


Single Replacement Reactions 


Case 1: Zinc reacts with hydrochloric acid (a strong acid) 


species present: ZNs), Haq): Cl(aq) 


P P an P 
reaction: active metal + H(gq) ———» H5(g) + cation 
+ 


net ionic: 21s) + 2H (aq) ——> Hp (g) + Zn? (aq) 
(The net ionic equation is balanced by balancing species and/or charge.) 


ig SOLUTIONS a 
NET IONIC EQUATIONS 


Case 1: Continued 


Note: 

aeeteaction for an active metal reacting with a weak acid is different. Consider the reaction of zinc with acetic 
acid. 

species present: ZN(s), CH; COOH (aq) 

reaction: active metal + weak acid ———>H)(g) + cation + anion 


+ 
net ionic: Zn(g) + 2CH3COOH(ag) ——*Ha(g) * Zn? (aq) + 2CH3COO(aq) 


Case 2: Sodium reacts with water 

species present: Nag), HOH( 1) 

reaction: active metal + HOH(j) ——* Ha(g) + palicn + OH(aq) 
net ionic: 2Naig) * ALON) —aaeemer to g)ee 2Na(aq) + 20H(aq) 
Case 3: Zinc reacts with a copper(II) sulfate solution 

species present: Zn(g), elfaae SO% (aq) 

reaction: metal + cation ——» metal + cation 


; ; ts ate 
net ionic: Zn(g) + Cu’ (aq) CY(s) + Zn? (aq) 


Case 4: Chlorine reacts with potassium iodide solution. 
+ 
species present: Clo (g) (or Clo (aq))» K(aq): (aq) 
reaction: nonmetal + anion ———®> nonmetal + anion 
net ionic: Clo (g) + 2!(aq) > Io (s) + 2Cl(aq) 
Double Replacement Reactions 
Case1: Barium chloride solution reacts with potassium sulfate solution 
sy . " 
species present: Ba’ (aq): Cliaq): Kaan S04 (aq) 
reaction (if any*): cation + anion ——— precipitate 
ee are ee 2- 
net ionic: Ba* (aq) + SO%(aq) ———> BaSO,(s) 
*When solutions of two (or more) ionic compounds are mixed, a precipitation reaction may occur. Such a 


reaction is not inevitable. Many combinations of aqueous ionic compounds yield no precipitate. In this case, 


whether a precipitate forms, and hence a reaction occurs, can be determined from the solubility table in the 
ALCHEM periodic table. 


Case 2: - Nitric acid neutralizes a sodium hydroxide solution. 
; ate <: 

species present: Haq): NO3 (aq) Na(ag): OH (aq) 

reaction*: hydrogen ion + hydroxide ion ———?> HOH, 1) 


net ionic: H(aq) A? OH(aq) ——— HOH, 1) 


Only the six strong acids completely dissociate in solution. Aqueous weak acids are written in molecular form. 
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List the reacting species and then write net ionic equations for each of the f 


ollowing reactions. All reactions are 
in water solution. 


1. Potassium metal reacts with water. 


2. A zinc nitrate solution reacts with a sodium sulfide solution to form a precipitate. 


3, Hydrobromic acid is neutralized by a potassium hydroxide solution. 


4. Magnesium is placed in hydrochloric acid. 


5. Aqueous solutions of cesium sulfate and barium chloride are mixed. 


6. Potassium hydroxide solution added to an unknown solution causes calcium hydroxide to precipitate. 
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Remedial Problems | 
7. An iron strip is placed in a solution of nickel(I!) nitrate. 


8. Aniron strip is placed in hydrochloric acid. 


9. Bromine is added to a magnesium iodide solution. 


10. Hydroiodic acid and barium hydroxide solutions are mixed. 


Stop 


ed. 


1. Reactions in solution and net ionic equations (just completed). 


oe 


3. Solution stoichiometry (included in the rest of this unit). 


4. Quantitative analysis from the ALCHEM Analytical Chemistry unit. 


Cation and anion analysis (qualitative analysis) from the ALCHEM Analytical Chemistry unit. 


146 


If the ALCHEM elective unit, Analytical Chemistry, is going to be done, the following sequence is recommend- 
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Introduction 


For most chemical reactions one or more of the reactants is in solution. Often the ease and accuracy of 
Stoichiometric calculations are increased when they are based on the volume of a solution involved. In general, 
working with solutions of known concentration makes possible much greater accuracy and ease of handling than 
gravimetric techniques. 


For example: 
A one milligram (0.00100 g) sample of NaO#/.¢) is impossible to measure on a centigram balance. However a , 


10.0 mL sample of 0.00250 mol/L NaOH solution is easily measured to high accuracy. This volume contains 
1.00 mg NaOH. 


Thus calculations involving high accuracy or very small quantities are often based on reactions of solutions. 


Solution Stoichiometry Calculations Using Nonionic Equations 
Stoichiometry problems always involve the same basic sequence of steps. 


1. Write a correctly balanced equation and identifying which substance is the given and which the required for 
the calculation. 


2. Calculate the number of moles of the given species. 


ne. 
n = — (if given mass 
m | g ) 
or N = Cv (if given concentration and volume of a dissolved species) 


3. Use the mole ratio from the balanced equation to find moles of the required species from moles of given 


species. 
rp coefficient (required) 
- 7 _ -0efficient (given) 
(required) (given) EOe g 
4. Calculate the desired answer from moles of required species. 
m = nM 

n 

or Vv = 
Cc 
n 

or GC = iy! 


Example 1: 
Problem: !f 10.0 mL of 0.020 mol/L HCI react exactly with 12.0 mL of Ba(OH), solution, find the molar 


Step 1: Write a balanced nonionic equation for the reaction. 
2HCl(aq) + Ba(OH), (aq) —— 2HOH() + BaCl, (aq) 


Step 2: Calculate the number of moles of HCl. 


n = Cv = _ 0.020 mol/L x0.0100L = 0.00020 mo! 


Step 3: Use the mole ratio from the balanced equation to calculate the number of moles of Ba(OH),. 


n Soe ee Oe. 6.00020 mol xt = 0,00010 mol 
HCI coefficient HCI 2 


n 
Ba(OH), 


Step 4: Calculate the molar concentration of the Ba(OH), solution. 


A _ 0.00010 mol 


C Vil BAOLOID OL 


Ba(OH), ° 
The molar concentration of the Ba(OH), (aq) is 0.0083 mol/L 


= 0.0083 mol/L . 
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Example 2: 


Problem: 


Step 1: 





Step 2: 


Step 3: 


Step 4: 


Mote: 
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\f 200 mL of 0.100 mol/L AgNO, completely reacts with copper, what mass of silver, will be 


produced? 
Write the balanced chemical equation for the reaction. 


Cus) + 2AgNO3 (aq) 249(s) + Cu(NOs )o (aq) 


Calculate # of moles of AgNO, . 


. n = CV. 
9NO; ~ 9.100 mol/L x 0.200 L 
= 0.0200 mol 


Use the mole ratio from.the balanced equation to calculate the # moles of Ag. 


n = 0.0200 mol x5 
Ag 0.0200 mol 


Calculate the mass of Ag produced. 


fi == tad 
Ag 


0.0200 mol x 108 g/mol 


Z2a.69 
The mass of silver that should be produced is 2.16 g. 


The formula used should be verified each time by substituting into the formula with correct units and making 
sure that the correct units are obtained for the answer. 


Example 3: 


Problem: 


Note: 


What volume of a 0.25 mol/L Pb(NO,), solution would have to be used to react with suffi- 
cient KI solution to produce 4.61 g of precipitate? 


Pb(NO3)o(aq) + 2K\(aq)——3™ Pblo(s) + 2KNO3 (aq) 


n= M@ 2 a = 0.0100 mol 
Poly g/mol 
n = + x 0.0100 mol = 0.0100 mol 
Pb(NO;)> 
Vo ome COR mel = 0.040L 
Pb(NO, )p Gc 0.25 mol/L 


The volume of 0.25 mol/L Pb(NO,), solution required is 0.040 L or 40 mL. 


The formula used should be verified i ituti 
-each time by substituting in 
Sure that the correct units are obtained for the answer. Mean Ae va lil 
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1. What mass of copper is required to react completely with 250 mL of 0.100 mol/L AgNO, solution? 


2. What volume of 2.00 mol/L HCI is needed to neutralize 1.20 g of dissolved NaOH? 


3. A piece of aluminum is placed in a beaker containing 500 mL of H,SO, solution. Using the data table 
below, calculate the concentration of the H,SO, solution. 


initial mass of Al-- -- == -- -15.14g 
final mass of Ale= -- -= -- --9.74g 
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g of solid oxalic acid, H,C,0, e2H,O, it was necessary to add 125 mL of a 
was the ea nrerration i the ‘ithium hydroxide solution? (Note that the 


lved, does not show the water of hydration). 


4. In order to neutralize Bh. TAs) 
lithium hydroxide solution. What 
formula for the acid, once disso 


2LiOH(aq) 4 Hs C0, (aq): ane SE) i Li, Cp O4 (aq) 


tio 


6 ; 
‘Chlorine gas was bubbled through 120 mL of 0.300 
: mol/L NaBr until all the b ide | 
How many moles of chlorine gas reacted? le 
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Solution Stoichiometry Calculations Using Net lonic Equations 


For some chemical reactions in solution, stoichiometric calculations may involve ionic species only. In such 


case it would be most convenient to use a net ionic equation. However, the student should be able to convert 
ionic concentrations to concentrations of the associated ionic compounds or strong acids or vice versa regard- 
less of whether a nonionic or net ionic equation is used. 


The following examples illustrate the use of net ionic equation for solution stoichiometry calculations. 
Example 1: 
A student wanted to determine the hydrogen ion concentration of an unknown strong acid solution. 200 mL of the 


acid solution reacted with 3.27 g of zinc. Calculate the hydrogen ion concentration in the unknown acid. 


Step 1: Write a balanced net ionic equation for the reaction from the list of species present. 


Species present: ZN); H(aq) 
606 et cqremmee Pm Harg)) 20° fac) 


Stee 2: Calculate the number of moles of Zn. 
“27 
n= i = a = 0.0500 mol 
2 M 65.4 g/mol 
n 

Step 3: Use the mole ratio from the balanced net ionic equation to calculate the number of moles of H(aq)): 
a —snOLOo00 mol x= =O OOmol 
H + 

Step 4: Calculate the molar concentration of H(aq): 
Cee COMO To eng mol/L. 
yt Vv 0.200 L 


The molar concentration of the hydrogen ions is 0.500 mol/L 


Example 2: 


A solution is known to contain $2 (aq) ions. 100 mL of the solution was found to react with 58.0 mL of a solution of 
0.100 mol/L lead(II) nitrate. What is the concentration of sulfide ions in the solution’? 


Pb? (aq) + S$*(aq) ——+»PbS,s) 


Ci4= S = 0.100 mol/L 
Pb Pb(NO, )p 
n GF Cv = 0.100 mol/L x 0.0580 L = 0.00580 mol 
Pb? 
i - a OROOSSOnmo! mt = OnO0580smol 
s?- : 
ee wl 2 0.00580 mol = : 
are 7 SOOMDO Lt 0.0580 mol/L 


The molar concentration of the sulfide ions is 0.0580 mol/L 
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Solve the following problems using net ionic equations. 


1. Asolution was tested and found to contain copper(I!) ions. To determine the concentration of copper(l!) 


ions in the solution, a zinc strip was immersed and allowed to react with 200 mL of the copper(I!) solution. 
The following data were obtained: 


initial mass of zinc strip = 9.689 
final mass of zinc strip = 6.849 


Calculate the concentration of copper(li) ions in the solution. 


2  Asample of water was known to contain chloride ions. To determine the concentration of chloride ions in 
the water sample, a student added a solution of silver nitrate to 500 mL of the water. 1.26 g of silver 


chloride precipitate formed. What was the concentration of chloride ions in the water sample? 


An iron ore sample may be analyzed by preparing a iron(II!) ion solution of the ore which is then reacted with 


an acidic permanganate solution. (Since the reaction is neither a sin i 
cre perme . gle or double replacement reaction, 
equation for the reaction is given below.) If 15.0 mL of 0.0100 mol/L MnO, (4 é we 


As (aq) Solution is required to com- 
pletely react with 10.0 mL of the Fe“ (aq) solution, determine the concentration of the iron(II) solution. 


= + 
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1. A100 mL sample of sulfuric acid is completely reacted with zinc. 0.216 mol of hydrogen are produced. Find 
the molar concentration of the sulfuric acid. 


2. What volume of 3.00 mol/L HNO, is needed to neutralize 450 mL of 0.100 mol/L S1(OH).? 


3. Excess chlorine was bubbled through a 2.50 L solution in which the iodide ion concentration was 0.120 mol/L 


What Is the maximum mass ot Iodine that could be produced? 


Use a blank sheet of paper for solving the following three problems. 


4. |When astrip of aluminum is placed in 165 mL of 0.240 mol/L nickel(Il) nitrate, what would be the concentration 
of aluminum nitrate in the final solution, assuming all the nickel(Il) nitrate reacts and the volume remains 
constant? 

5. What volume of 0.15 mol/L silver nitrate is needed to produce 35.8 g of silver chloride by reacting the silver 
nitrate with excess sodium chloride solution? 

6. 


A water sample was found to contain a small amount of dissolved ferric ions. If 4.80 mL of 0.0200 mol/L 


sodium hydroxide was required to precipitate all the ferric ions from 800 mL of sample, what was the con- 
centration of ferric ions in the sample? 
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